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Abstract
The environmental fate of actinides is greatly influenced by interfacial reactions, including sorption
onto solid surfaces. Because changes in the primary hydration sphere of the actinide are expected
to greatly influence the thermodynamics (i.e., reaction enthalpy and entropy) of these reactions, examining actinide sorption thermodynamics may provide insight into actinide sorption mechanisms.
Additionally, examining actinide sorption thermodynamics may enhance the ability to model or predict these reactions in environmental or engineered systems where variable or elevated temperatures
are expected. However, few researchers have studied actinide sorption thermodynamics. Therefore,
this research examined the thermodynamics of Eu(III) (a trivalent actinide analog), Th(IV), Np(V),
U(VI), and Pu(IV) sorption onto hematite (α−Fe2 O3 ) using a combination of macroscopic techniques, including multiple-temperature batch sorption experiments, surface complexation modeling,
and isothermal titration calorimetry (ITC).
Batch sorption data collected at 15, 25, 35, and 50  (and 65 or 80  in some experiments)
at I = 0.01 M NaCl indicate that sorption of both Eu(III) and U(VI) increases with increasing
temperature. Np(V) and Th(IV) sorption onto hematite was independent of temperature. Pu(IV)
sorption onto hematite appeared to increase with increasing temperature, but significant changes in
Pu oxidation state during the experiments complicated interpretation of the data. The diffuse layer
model (DLM) was employed for all batch sorption data. Modeling results suggested that both Eu(III)
and U(VI) form bidentate inner-sphere surface complexes, in agreement with data from extended
X-ray absorption fine structure (EXAFS) spectroscopy either collected in this work (for Eu(III))
or referenced from available literature. Surface complexation modeling of the Np(V) and Th(IV)
sorption edge data suggested the preferential formation of monodentate surface complexes, which
was in disagreement with the speciation suggested from referenced EXAFS and Fourier-transform
infrared (FT–IR) spectroscopies. For Eu(III) sorption onto hematite, a van’t Hoff analysis indicated
ii

that the reaction enthalpy and entropy for the formation of (≡ FeO)2 Eu+ (the best fit surface
complex) were 131 ± 8 kJ mol−1 and 439 ± 26 J K−1 mol−1 , respectively; the sorption enthalpy
determined from ITC experiments was in excellent agreement. For U(VI) sorption onto hematite,
several surface complexes were proposed from the surface complexation modeling results, depending
on reaction temperature. However, the reaction enthalpy and entropy for the formation of (≡
FeOH)2 UO2+
2 were less than the enthalpy and entropy determined for the Eu(III)-hematite complex.
These results, in combination with collected and referenced EXAFS data that suggest a greater U−Fe
distance compared with Eu−Fe, support that the interaction between U(VI) and the hematite surface
is thermodynamically weaker than the interaction between Eu(III) and the hematite surface. The
enthalpies approximated for Np(V) and Th(IV) sorption onto hematite were ≈ 0 kJ mol−1 , possibly
indicating the formation of a combination of outer- and inner-sphere complexes on the hematite
surface. This work presents the first systematic study on the thermodynamics of actinide sorption
reactions, and provides the framework needed to understand the thermodynamics and mechanisms
of actinide sorption onto other minerals, soils, or sediments under other experimental conditions.
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Chapter 1

Introduction
Actinide chemistry in the environment is primarily controlled by four chemical processes: (1) oxidation and reduction, (2) hydrolysis and ligand complexation, (3) precipitation and dissolution, and (4)
sorption∗ and desorption. To understand and to possibly predict the fate and transport of actinides
in the environment, each of the above processes must be thoroughly investigated over a wide range
of chemical conditions simulating those expected in natural systems. However, despite decades of
research exploring the chemistry of actinides, many questions remain regarding this chemistry in the
environment, particularly with respect to actinide sorption and desorption processes. For example,
Kersting et al. and Novikov et al. recently linked kilometer-scale subsurface plutonium transport
at the U.S. Nevada Test Site1 and the Russian Mayak Production Association2 with irreversible
plutonium sorption onto mobile colloids. This observation contradicts the previously held notion
that plutonium is relatively immobile in the environment; additionally, it suggests that desorption
of plutonium may be thermodynamically or kinetically hindered.
Understanding actinide sorption thermodynamics may provide insight into the transport
phenomenon described above. For example, after developing a multi-temperature surface complexation model (SCM), Almazan-Torres et al.3 used the van’t Hoff relationship to estimate the enthalpy
(∆r H) and entropy (∆r S) of uranium adsorption onto zirconium oxophosphate. They determined
that both ∆r H and ∆r S were positive, indicating that uranium adsorption onto zirconium oxophosphate is an entropically driven reaction.3 Furthermore, they suggested that the positive entropy term
∗ Throughout this document, the term sorption is used to describe general actinide partitioning to a solid phase,
while the term adsorption is used specifically in reference to the formation of either inner- or outer-sphere actinide
surface complexes.

1

was associated with the displacement of coordinating water molecules from the uranium primary
hydration sphere during inner-sphere adsorption. This type of reaction mechanism could hinder actinide desorption from mineral surfaces, and may help to explain the long-distance plutonium transport observed by Kersting et al.1 and Novikov et al.2 However, actinide sorption thermodynamics
or sorption induced changes in the actinide primary hydration sphere have not been investigated.
Therefore, this work investigated actinide sorption thermodynamics and mechanisms. Specifically, the effect of temperature on Eu(III) (as an analog for trivalent actinides), Th(IV), Np(V),
U(VI), and Pu(IV) sorption onto the iron oxide mineral hematite (α−Fe2 O3 ) was examined. Similar
to the work of Almazan-Torres et al.,3 surface complexation modeling and the van’t Hoff relationship were used to estimate the enthalpy and entropy of actinide sorption onto hematite. To support
this, data derived from extended X-ray absorption fine structure (EXAFS) spectroscopy and other
spectroscopic techniques (e.g., time-resolved laser induced fluorescence spectroscopy (TRLFS)), either from the literature or measured directly, were used to infer changes in the actinide primary
hydration sphere during sorption. Additionally, isothermal titration calorimetry (ITC), was used
to directly measure the reaction enthalpy for both Eu(III) and U(VI) sorption onto hematite. The
results greatly expand the scientific community’s knowledge of actinide chemistry at the solid-water
interface.

2

Chapter 2

Background
2.1

Actinides in the Environment

Actinides are present in the environment as anthropogenic contamination and as naturally occurring
mineral deposits. Decades of radionuclide research and production, uranium mining and milling,
nuclear weapons manufacturing and testing, and the inadequate disposal practices associated with
these activities have resulted in widespread environmental contamination. More than 50% of legacy
U.S. Department of Energy (DOE) facilities have radionuclide contaminated soils, sediments, and
groundwater.4 Other countries with current or former nuclear energy or nuclear weapons programs
(e.g., France, Germany, the former Soviet Union, the United Kingdom, etc.) also have significant
contamination.5–8 In a 1995 review, Lieser identified numerous radionuclides of importance in the environment, including Eu-155,156, Th-227,229,230,232, Pa-231,233, U-233,234,236,238, Np-236,237,
Pu-239,241, Am-241,243, and many others.6 Of these, plutonium and uranium are of particular concern at legacy DOE facilities, where soil and sediment concentrations can exceed 1 × 106 pCi kg−1 .4
Of the naturally occurring actinides, both thorium and uranium exist in the Earth’s crust in
significant concentrations (9.6 mg kg−1 and 2.7 mg kg−1 , respectively),9 and weathering processes
can result in the contamination of ground or surface water. Thorium generally remains immobilized
in the environment due to its low aqueous solubility as Th(IV). However, in slightly oxidizing
aqueous environments, dissolution of the highly mobile uranyl ion, UO2+
2 , from uranium rich deposits
can lead to aqueous concentrations exceeding regulatory limits. For example, some private wells in
upstate South Carolina have measured aqueous uranium concentrations exceeding ∼3,300 pCi L−1 .10
3

Additionally, in certain areas of Finland, oxidative dissolution from surrounding granitoid bedrock
has resulted in high uranium groundwater concentrations, sometimes exceeding 7,900 pCi L−1 .∗11,12
The presence of actinides in the environment represents a significant risk to human health
due to the inherent radio- and chemical toxicity of these elements. Although the majority of U.S.
actinide contamination is currently contained within the boundaries of government owned land,
there is concern that these elements will migrate through the environment, thereby increasing the
risk of human exposure. Understanding the chemistry of actinides in the natural environment,
particularly understanding the chemical processes that may immobilize actinides in the environment,
is therefore important for predicting and perhaps eliminating environmental actinide migration which
will decrease the potential for human actinide exposure.

2.2

Environmental Actinide Chemistry

Although environmental actinide transport can occur by a variety of mechanisms (e.g., atmospheric
advection and diffusion, physical dispersion, etc.), transport is most typically associated with the
movement of ionic or colloid-sized species within ground or surface water. To understand and
possibly predict this transport, a working knowledge of the conditions expected in natural aqueous
systems and of the four processes dominating environmental actinide chemistry – (1) oxidation
and reduction, (2) hydrolysis and ligand complexation, (3) precipitation and dissolution, and (4)
sorption and desorption – is necessary. Each of these processes will be briefly discussed in the
following sections merely to provide a basis for the proposed research. The reader is referred to
several excellent reviews for additional information.13–17

2.2.1

Oxidation and Reduction

Actinides can exist with oxidation states ranging from +3 to +6 in natural systems. The light
actinides (Th, Pa, U, Np, and Pu) exhibit the most variation in oxidation state due to the presence
of delocalized f-electrons in their valence shells. It is this characteristic that makes the chemistry of
light actinides so complex. The remaining actinides exhibit chemistry more similar to the lanthanide
elements, and typically are only present in natural systems as trivalent cations. The range of possible
∗ Aqueous uranium concentrations in upstate S.C. and Finland converted from µg L−1 to pCi L−1 assuming natural
isotopic abundance for uranium (99.275% 238 U, 0.720% 235 U, 0.005% 234 U). Reported concentrations exceeded
∼ 5, 000 µg L−1 in S.C.10 and 12,000 µg L−1 in Finland.11,12
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oxidation states and the oxidation state most common in natural systems for each of the light
actinides is given in Table 2.1.
Table 2.1: Light actinide oxidation states.a
Atomic #
Element
Oxidation Statesb

a
b

90
Th

91
Pa

92
U

93
Np

94
Pu

(+3)
+4

(+3)
+4
+5

+3
+4
+5
+6

+3
+4
+5
+6
+7

+3
+4
+5
+6
+7

Adapted from Silva and Nitsche.14
a = most dominant ox. state in natural systems; ( ) = unstable.

The redox chemistry of plutonium is particularly complex. Under certain conditions, plutonium can exist in three or four oxidation states simultaneously.15,16 This is illustrated in Fig. 2.1 as
triple points (red dots), where three oxidation states of plutonium are in equilibrium. This is also
evident from the reduction potentials given in Table 2.2, which suggest that under acidic conditions,
Pu(III), Pu(IV), Pu(V), and Pu(VI) may co-exist. Also from Table 2.2, it is apparent that although
the co-presence of Pu(III) is possible at low pH, Pu(III) is less favorable at higher pH values as
evident by the negative reduction potentials. Pu redox chemistry is even further complicated by the
possibility of disproportionation reactions (given as Eqs. 2.1 and 2.2) and α-particle induced oxidation or reduction.16 However, these reactions are typically only important when aqueous plutonium
concentrations exceed ∼ 10−6 M,16 which is unlikely, even in contaminated environments.1,18

+
3Pu4+ + 2H2 O *
) 2Pu3+ + PuO2+
2 + 4H

(2.1)

+ *
4+
2PuO+
+ PuO2+
2 + 4H ) Pu
2 + 2H2 O

(2.2)

Because plutonium redox chemistry is so complex, experiments hoping to elucidate specific
reaction mechanisms are quite difficult. For this reason, many scientist’s choose to use analogs that
are chemically similar to plutonium, but are much less redox sensitive. Although thorium, uranium,
and neptunium can exist in multiple oxidation states, these elements are generally more difficult to
oxidize or reduce, and therefore exist primarily as Th(IV), Np(V), and U(VI), which are commonly
used as analogs for Pu(IV), Pu(V), and Pu(VI), respectively.17 Eu(III) is often used as an analog
5

for Pu(III) and other trivalent actinides.17

Figure 2.1: Pourbaix diagram for plutonium, modeled in the presence of carbonate and fluoride.
The red dots indicate triple points where three plutonium oxidation states can co-exist. The solid
black outline denotes Eh-pH values found in natural systems, and the dashed ovals denote Eh-pH
ranges common to rainwater, groundwater, and seawater. Adopted from Runde.15

2.2.2

Hydrolysis and Ligand Complexation

Actinides exist in water as hydrated ions (i.e., An(H2 O)n+
x ), where the oxidation state of the actinide
determines the number and geometry of coordinating water molecules. The high charge of pentavalent and hexavalent actinides results in immediate hydrolysis in water to give trans dioxo cations.
As representative of the different hydrated actinide ions, the molecular structures for the plutonium
aqua ions are shown in Fig. 2.2. It should be noted that aqueous An−O coordination numbers
measured for An(III) and An(IV) cations have ranged from 8 to 10 and 8 to 12, respectively.16
The actinide aqua ions are subject to both hydrolysis and complexation with other species
prevalent in natural aqueous systems. Hydrolysis occurs with the loss of one or more protons from

6

Table 2.2: Reduction potentials for plutonium at pH 0, 8, and 14 versus the standard
hydrogen electrode (SHE).a
Reduction Reaction
Pu4+ + e− *
) Pu3+
+
+
− *
PuO2 + 4H + e ) Pu4+ + 2H2 O
+
− *
PuO2+
2 + e ) PuO2
2+
+
4+
− *
PuO2 + 4H + 2e ) Pu + 2H2 O
−
2−
− *
PuO4 (OH)3−
2 + 2H2 O + e ) PuO2 (OH)4 + 2OH
a
b
c

pH 0
+0.982
+1.170
+0.913
+1.043
—

pH 8b
−0.39
+0.70
+0.60
+0.65
—

pH 14c
−0.96
−0.67
+0.12
+0.34
+0.85

Adapted from The Chemistry of the Actinide and Transactinide Elements.16
Estimated by Allard et al.19
1 M NaOH, Peretrukhin et al.20

Figure 2.2: Molecular structure of the plutonium aqua ions. Adopted from Morss et al.16
the actinide primary hydration sphere via the reaction,

n−y
+
*
An(H2 O)n+
x ) An(OH)y (H2 O)x−y + yH .

(2.3)

As a result, a distribution of actinide hydrolysis products is expected with increasing pH as illustrated
in Fig. 2.3. The extent of hydrolysis at any particular pH is dependent on the acidity of the actinide
cation. However, due to the presence of two doubly bound oxygen atoms within the coordination
spheres of An(VI) and An(V) ions, the effective charge on these species is increased to ∼ 3.3 and
∼ 2.3, respectively.13 Therefore, the strength of actinide hydrolysis decreases in the order

3+
An4+ > AnO2+
> AnO+
2 ≈ An
2.

(2.4)

As an example of this trend, the stability constants for the first hydrolysis products of Th(IV),
U(VI), Eu(III), and Np(V) are given in Table 2.3. These log ∗β ◦ values decrease in order of the
trend shown in Eq. 2.4, and indicate that the first hydrolysis product of Np(V) is not significantly
present until above approximately pH 9. This is one reason that An(V) ions are expected to have
the greatest mobility in the environment.
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Figure 2.3: Aqueous uranium speciation over the pH range 0 − 12 in the absence of CO2 as modeled using Visual MINTEQ with equilibrium constants given by Guillaumont et al.21 The total U
concentration was 1 × 10−8 M and the ionic strength was fixed at 0.001 M NaCl.
The actinides also readily form complexes with various ligands common to the aqueous
environment. The strength of these complexes also generally follows the trend shown in Eq. 2.4.
Additionally, for a given actinide oxidation state, the complexation affinity with different inorganic
ligands decreases in the order14

−
−
2−
−
2−
OH− , CO2−
3 > F , HPO4 , SO4 > Cl , NO3 .

Table 2.3: Representative hydrolysis constants
for actinides in different oxidation states.a
4+

Th

Reaction
* Th(OH)3+ + H+
+ H2 O )
+

UO2+
2
3+

+

+ H2 O *
) UO2 (OH) + H
2+
Eu + H2 O *
) Eu(OH) + H+
0
+
NpO2 + H2 O *
) NpO2 (OH) + H+
a
b
c

Values from Guillaumont et
Klungness and Byrne.22
Rao et al.23

8

al.21

log ∗β ◦
−3.20
−5.25
−7.76b
−8.98c

(2.5)

Therefore, one would expect that An(IV) ions form a stronger complex with, for example, fluoride, than An(VI) ions, and that An(VI) ions form a stronger complex with carbonate than with
fluoride, etc. Indeed, the equilibrium constants shown in Table 2.4 confirm the expected trend. This
ability of actinides to form a wide range of aqueous complexes could potentially increase transport
in systems where the environmental conditions would otherwise favor precipitation or sorption of
the actinide. As an example, Zhao et al. recently investigated the effect of dissolved organic matter (DOM) on the sorption of Am(III), Pu(IV), Np(V), and U(VI) to tuff samples collected from
the Nevada Test Site.24 Their results suggested that the presence of DOM decreased americium
and plutonium sorption affinities, but had little effect on the sorption affinities of neptunium and
uranium.24
Table 2.4: Formation constants for several
aqueous actinide complexes.a
Reaction
4+
Th + F− *
) ThF3+

log K ◦

U4+ + F− *
) UF3+
+
− *
UO2+
2 + F ) UO2 F
0
2− *
UO2+
2 + CO3 ) UO2 CO3

9.42

Np4+ + F− *
) NpF3+
+
− *
NpO2+
2 + F ) NpO2 F
2+
2− *
NpO2 + CO3 ) NpO2 CO03

8.96

5.16
9.94

4.57
9.32

0
− *
NpO+
2 + F ) NpO2 F

1.20

Pu4+ + F− *
) PuF3+
2+
− *
PuO2 + F ) PuO2 F+

8.84

2− *
0
PuO2+
2 + CO3 ) PuO2 CO3

9.50

a

2.2.3

8.65

Values from Guillaumont et

4.56

al.21

Precipitation and Dissolution

The precipitation or dissolution of actinide mineral phases can also greatly affect actinide transport in the environment. The amorphous solids, An(OH)0x or AnO2 (OH)0z , where x = 3 or 4 and
z = 1 or 2 depending on the actinide oxidation state, generally control actinide solubility. With
time, precipitated actinide phases may convert to more ordered, less soluble hydroxide phases or
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oxides with the stoichiometry AnOx , where x ≥ 2. As a general rule, An(IV) species are considerably less soluble than An(V/VI) species. This is illustrated by the uraninite (U(IV)O2 ) and
schoepite (U(VI)O3 ·H2 O) solubility curves shown in Fig. 2.4. Therefore, it is conceivable that mechanisms which reduce An(V/VI) species to An(IV) species may result in An(IV) precipitation and,
subsequently, actinide sequestration. For this reason, a considerable amount of research has been
dedicated to examining both biotic and abiotic mechanisms of reduction, particularly in relation to
25–28
UO2+
However, precipitation of solid phases may enhance transport if nanosized precipitates,
2 .

which can remain suspended in water for long periods of time, are formed. This is a particular
concern for plutonium, which is expected to exist in groundwater primarily as Pu(IV) (see Fig. 2.1),
and which readily forms intrinsic colloids ranging in size from 1 − 100 nm.14,15,29
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Figure 2.4: Solubility comparison between the mineral phases uraninite and schoepite in the presence
of atmospheric CO2 (PCO2 = 10−3.4 atm), as modeled using Visual MINTEQ with equilibrium
constants given by Guillaumont et al.21 The ionic strength was fixed at 0.01 M NaCl.
The precipitation of actinide solids on the surfaces of naturally occurring mineral phases also
represents a potential mechanism for either retarded or enhanced environmental transport. On one
hand, surface-mediated precipitation on bulk mineral phases, which are typically immobile in the
environment, could limit actinide transport. However, surface-mediated precipitation on naturally
occurring colloids (e.g., mineral colloids, natural organic matter), which can remain suspended in
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the water column for long periods of time, could increase the potential for long-distance transport.
Powell et al. recently examined plutonium colloid formation in the presence of geothite and quartz.29
Although plutonium colloids (∼ 2 − 5 nm) were identified in association with both the goethite and
quartz surfaces, the crystal structure of the precipitates associated with the goethite surface differed
from the crystal structure of the intrinsic colloids (formed in the absence of additional solid phases)
and the crystal structure of the precipitates associated with the quartz surface.29 Powell et al.
suggested that the presence of Pu4 O7 on the geothite surface, rather than PuO2 , was the result of
a structural alignment between the goethite and plutonium crystal faces.29 This type of reaction
could increase the ability of plutonium to migrate through the environment with goethite (or other
mineral) colloids.

2.2.4

Sorption and Desorption

There are several mechanisms by which actinides can partition to solids. These include: (1) outersphere adsorption, (2) inner-sphere adsorption, (3) surface precipitation or colloid attachment, (4)
and co-precipitation.30 Outer-sphere adsorption should proceed without the loss of water molecules
from the actinide primary hydration sphere, while inner-sphere adsorption should proceed with the
loss of water,30,31 yet this has not been extensively investigated. For actinides, the sorption mechanism can vary depending on solution conditions, actinide concentration, and the mineral phase
available for partitioning. As an example, uranyl partitioning to montmorillonite, a 2-1 naturally
occurring clay mineral, at low pH and low ionic strength is dominated by outer-sphere sorption.32
However, at higher pH and ionic strength, inner-sphere surface complexes on the montmorillonite
surface were identified using EXAFS spectroscopy. For metal oxide and hydroxide minerals, e.g.,
hematite (α−Fe2 O3 ), goethite (α−FeOOH), gibbsite (γ−Al(OH)3 ), etc., actinide sorption is dominated by inner-sphere mechanisms.30
Although significant progress on understanding the sorption behavior of actinides has been
made in recent years, many questions remain unanswered. As an example, Pu(V) reduction to
Pu(III/IV) has been observed in the presence of goethite,33–35 magnetite,36 hematite,35 manganite,37
and other non-reducing pure38,39 and mixed38,40 mineral phases. Five proposed mechanisms which
may contribute to this reduction are: (1) dispropotionation of Pu(V), (2) reduction by trace Fe(II)
(or other reduced species), (3) α radiolysis, (4) electron shuttling within semi-conducting solids,
or (5) thermodynamic stability of Pu(IV). Recently, Hixon et al. investigated the interaction of
11

Pu with quartz using two different isotopes,

238

Pu and

242

Pu, such that the reaction systems had

equal molar Pu concentrations, but different Pu radioacitivities.41 Significant differences in total
sorption or kinetics between the different reaction systems were not observed. Therefore, the results
suggested that α radiolysis did not contribute to Pu(V) reduction to Pu(IV) on the quartz surface.
Additionally, the use of high purity quartz decreased the potential for Pu(V) reduction by trace
reductants, and eliminated the potential for Pu(V) reduction due to electron shuttling within the
solid phase since quartz is not a semi-conductor. The other proposed mechanisms, disproportionation
and stability of Pu(IV), need further investigation.
Decreased kinetics for actinide desorption from various pure and mixed mineral phases
have also been observed. Lu et al. studied the interaction of plutonium with hematite, silica, and
montmorillonite in J-13 well water from the Yucca Mountain site.42 Although greater than 95%
sorption to hematite and greater than 55% sorption to silica and montmorillonite was observed in
less than 500 hours, desorption kinetics were considerably slower, and after nearly one year, less
than 1% of the plutonium was removed from the hematite, and only ∼ 20% plutonium was removed
from the silica and montmorillonite.42 Of course, due to the likely reduction of plutonium on the
hematite, silica, and montmorillonite surfaces, interpretation of this kinetic data is complicated.
However, it is evident that sorption hysteresis may enhance colloid-facilitated transport of actinides
and that additional research is needed to understand this behavior.

2.3

The Thermodynamics of Sorption Reactions

Understanding the thermodynamics of sorption reactions in greater detail, by defining the enthalpy
and entropy of sorption reactions, may help to elucidate the mechanisms responsible for some of
the observed phenomena described above – i.e., sorption/desorption hysteresis, and long-distance
subsurface transport. To define enthalpy and entropy, sorption reactions need to be investigated at
variable temperatures. Additionally, investigating actinide sorption thermodynamics is important
because: (1) a wide range of temperatures is expected in the natural environment; and (2) elevated
temperatures are expected in future subsurface nuclear waste repositories as demonstrated in Fig. 2.5
for the proposed Yucca Mountain Repository. However, few researchers have investigated the effect
of temperature on actinide sorption.
To understand the thermodynamics of sorption reactions, one must also be aware that
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Figure 2.5: Expected temperature distribution after 1,000 years in the Yucca Mountain repository
with ventilation. Adopted from the U.S. DOE Office of Civilian and Radioactive Waste Management.43
temperature influences all chemical reactions, and therefore, a detailed understanding of the effect
of temperature on aqueous phase processes is also necessary. Fortunately, most of this data is
compiled in thermodynamic databases. As an example, the expected distribution of Eu(III) aqueous
complexes is shown in Fig. 2.6 from 15 to 50  in the absence and presence of atmospheric carbon
dioxide. From Fig. 2.6, it is evident that the importance of hydrolysis products increases with
increasing temperature. Similar changes in aqueous speciation are expected for the actinides with
increasing temperature.

2.3.1

Theory

Choppin described the thermodynamics of aqueous actinide complexation reactions as having competing thermodynamic parameters.13 To form an inner-sphere aqueous complex, dehydration of the
actinide is necessary to allow room within the coordination environment for the complexing anion.
Because dehydration results in an increase in system disorder, a positive entropy (+∆S) is expected.
Additionally, because dehydration requires breaking the bond between the actinide and the water
molecule, one can also expect that dehydration will be endothermic (+∆H). However, the formation of complexes between cations and anions is expected to decrease system disorder (−∆S) and
be exothermic (−∆H). Ignoring the electrostatics of interfacial reactions, the same concepts can be
13
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(PCO2 = 10−3.4 atm) (B) as modeled using Visual MINTEQ, with equilibrium constants given by
Klungness and Byrne22 and Luo and Byrne.44 The modeling conditions were [Eu(III)]tot = 3.7×10−8
M in 0.01 M NaCl. Oversaturated solids were not allowed to precipitate.

14

used to describe the thermodynamics of actinide surface complexation, such that

∆G = ∆Gdehyd. + ∆Gcomplex.
= ∆Hdehyd. + ∆Hcomplex. − T ∆Sdehyd. − T ∆Scomplex.

(2.6)

From Eq. 2.6, it is easy to see how measuring the enthalpy and entropy of sorption reactions can
help elucidate reaction mechanisms. For example, if an inner-sphere adsorption reaction occurs,
one would expect perturbation in the actinide primary hydration sphere. Therefore, the ∆Hdehyd.
and ∆Sdehyd. would be > 0, with the extent of dehydration greatly affecting the overall reaction
thermodynamics. If an outer-sphere sorption reaction occurs, where no perturbation of the actinide
hydration sphere is expected, ∆Hdehyd. and ∆Sdehyd. should be ≈ 0. Of course, interpreting the
overall reaction thermodynamics is somewhat more complicated because of the expected competition
between dehydration and complexation. However, if the overall reaction enthalpy and entropy were
both positive, this would suggest that dehydration of the actinide, to some degree, is occurring
during sorption. Actinide sorption reactions that proceed with extensive dehydration (i.e., large
entropy gains), may demonstrate decreased desorption kinetics due to the expected high activation
energy required to rehydrate the actinide.

2.3.2

Observations with Metal Sorption

Although the thermodynamics of actinide sorption reactions have not been greatly studied, many
researchers have investigated the sorption thermodynamics of several transition metals and lanthanides. Rodda et al. observed an increase in Zn(II) and Pb(II) adsorption onto goethite with
increasing temperature.45 By fitting their isotherm data with several different empirical models,
they estimated the enthalpy and entropy of Zn(II) and Pb(II) adsorption onto goethite to range
from 4 to 30 kJ mol−1 and −160 to +160 J mol−1 K−1 , respectively. However, because Rodda et al.
described their data using empirical sorption models, it is difficult to discern the reaction mechanisms
important for Zn(II) and Pb(II) sorption to goethite.
Angove et al. examined Co(II) and Cd(II) adsorption onto kaolinite at variable temperatures, and also observed an increase in adsorption with increasing temperature.46 They estimated
the enthalpy and entropy of adsorption to be ≈ 72 kJ mol−1 and 90 to 105 J mol−1 K−1 , respectively. Eu(III) sorption onto Na-montmorillonite and kaolinite47 , U(VI) adsorption onto zirconium
15

oxophosphate3 , and Pu(V) adsorption onto hematite, silica, and montmorillonite42 were also reported to increase with increasing temperature. Quinn et al. also examined the sorption of yttrium
and the rare earth elements on amorphous ferric hydroxide and also determined that sorption increased with increasing temperature and that the reactions were likely driven by the displacement
of hydrating water from the lanthanide primary hydration sphere.48

2.3.3

Quantifying Sorption Enthalpy and Entropy

Two methods are available for quantifying the enthalpy and entropy of chemical reactions.49 The first
is the van’t Hoff method, where the enthalpy and entropy are indirectly determined by measuring
the temperature dependence of the equilibrium constant and fitting the data using the equation49

log K = −

∆r H
∆r S
+
ln 10 · RT
ln 10 · R

(2.7)

where log K is the measured equilibrium constant, ∆r H is the reaction enthalpy, ∆r S is the reaction
entropy, R is the universal gas constant, and T is the temperature in Kelvin. The second method
uses calorimetry to directly determine the reaction thermodynamics by measuring the generation or
loss of heat over time.
Care must be taken when using the van’t Hoff method, as it depends on the reaction
enthalpy and entropy being independent of temperature, which is a rare condition. However, for
a fairly narrow temperature range (e.g., ∆T ∼≤ 50 ), the reaction enthalpy is often constant,
making the van’t Hoff method suitable for use under limited conditions. Yet, for these reasons, it
can be beneficial to determine reaction thermodynamics directly using calorimetry.
Isothermal titration calorimetry (ITC) allows the measurement of equilibrium constants and
thermodynamic constants simultaneously, provided the initial reactant concentrations are defined.
For the reaction (as an example)
A+B*
) AB
the simultaneous determination of log KAB , ∆H, and ∆S is accomplished by titrating a known mass
of reactant A into reactant B. The reaction enthalpy is then determined from the equation

Qc,t = ∆nt · ∆H,
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(2.8)

where Qc,t is the corrected total heat for the formation of product AB, and ∆nt is the total moles of
product AB formed.50 The equilibrium and mass balance expressions are used to calculate ∆nt . In
a similar manner, Eq. 2.8 can be used to determine the enthalpy for surface complexation reactions.
As mentioned previously, the van’t Hoff method has been used to determine the reaction
enthalpy of uranyl adsorption onto zirconium oxophosphate,3 europium sorption onto kaolinite and
Na-montmorillonite,47 and cadmium and cobalt sorption onto kaolinite.46 Although few researchers
have used ITC for sorption reactions, Fang et al.51 have successfully used ITC to quantify the
enthalpy and entropy of Cu(II) adsorption onto bacterial-mineral composites, suggesting that this
technique could also be applied to investigate the thermodynamics of actinide sorption onto hematite.
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Chapter 3

Objectives
It is evident that the fate and transport of actinides in the environment is dependent on not only
aqueous phase reactions, but also on reactions at the solid-water interface. Despite numerous studies
investigating actinide sorption onto various mineral phases, there are still many unanswered questions, particularly related to the mechanisms of and the effect of temperature on these reactions.
For example:
(a) How does temperature affect actinide sorption onto mineral phases? (i.e., are these reactions
endothermic, entropically favorable)?
(b) Does the actinide primary hydration sphere change during sorption, and if it does, how does
this change affect the thermodynamics of actinide sorption reactions?
(c) Does the effect of temperature on actinide sorption follow the actinide trend, such that a larger
temperature effect will be observed for An(IV) ions, etc.?
(d) Do the sorption mechanisms differ for different actinides (i.e., inner-sphere, outer-sphere surface
complexation, surface precipitation, mono- or multi-dentate surface binding, etc.)?
(e) Do the commonly used Pu oxidation state analogs, Eu(III), Th(IV), Np(V), and U(VI), accurately describe the effect of temperature on Pu sorption?
In order to answer these questions, the following research objectives have been identified. The
relationship between each of the objectives and the research questions identified above is given in
parentheses.
18

1. Evaluate the effect of temperature on the sorption behavior of several actinides (Th(IV),
Np(V), U(VI), Pu(IV), and Eu(III)) (a, c, d, e);
2. Use surface complexation modeling (SCM) to describe the actinide sorption behavior and to
derive reaction specific equilibrium constants (c, d);
3. Derive sorption reaction enthalpies and entropies using the van’t Hoff relationship (a, b, c);
4. Compare the surface complexes proposed from SCM with the results of extended X-ray absorption fine structure (EXAFS) spectroscopy and other spectroscopic techniques (either directly
measured or compared with literature data), and evaluate changes in the actinide coordination
environment before and after sorption (b, d);
5. Relate the thermodynamics of the sorption reactions with the coordination environments of
actinides before and after sorption to elucidate possible sorption mechanisms (b, c, d);
6. Compare directly measured actinide sorption reaction enthalpies with those derived using the
van’t Hoff relationship (a, f).
To meet these objectives, this work was divided into four main tasks, as listed in Table 3.1. Each
task represents self-contained work, which has been or will be submitted for peer-reviewed publication.

Table 3.1: Experimental Task Summaries
#

Description
(Target Objectives)

1

A Self-Consistent Model Describing the Thermodynamics of Eu(III) Adsorption
onto Hematite
(1, 2, 3, 4, 5)

2

Calorimetric Determination of the Enthalpy of Eu(III) Sorption onto Hematite
(3, 6)

3

The Thermodynamics of U(VI) Sorption onto Hematite
(1, 2, 3, 4, 5, 6)

4

A Comparison of the Thermodynamics of Np(V), Th(IV), and Pu(IV) Sorption
onto Hematite
(1, 2, 3, 4, 5)
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Chapter 4

A Self–Consistent Model
Describing the Thermodynamics of
Eu(III) Adsorption onto Hematite∗
Abstract
The environmental fate of actinides is greatly influenced by interfacial reactions, including adsorption onto solid surfaces where the adsorption of trivalent and tetravalent actinides is generally a very
strong and potentially irreversible reaction. Changes in the primary hydration sphere of the actinide
during inner-sphere adsorption could greatly influence the thermodynamics of these reactions. However, few researchers have studied actinide adsorption thermodynamics. Therefore, using Eu(III)
as an analog for trivalent actinides, we examined the thermodynamics of Eu(III) adsorption onto
∗ The contents of this chapter are reproduced from: Estes, S. L.; Arai, Y; Becker, U.; Fernando, S.; Yuan, K.;
Ewing, R. C.; Zhang, J.; Shibata, T.; and Powell, B. A. Geochim. Cosmochim. Acta, 2013, 122, 430–447. Note
that all computational modeling portions of the published manuscript are excluded because they do not represent the
intellectual work of Shanna L. Estes. Individual authors contributed the following to the published manuscript: (1)
Shanna L. Estes performed all batch sorption experiments and associated data analyses, prepared all EXAFS samples
with assistance from Yuji Arai and Brian A. Powell, wrote the complete manuscript, except where noted here, and
completed the majority of journal requested revisions; (2) Yuji Arai assisted with EXAFS sample preparation, collected
EXAFS spectra, completed all EXAFS fitting and analyses, wrote the EXAFS methods section, and reviewed the
manuscript; (3) Udo Becker, Sandra Fernando, and Ke Yuan completed the computational modeling, wrote the
computational methods and modeling sections, reviewed the manuscript, and completed minor journal requested
revisions; (4) Rodney C. Ewing reviewed the manuscript; (5) Jiaming Zhang performed all TEM analyses and reviewed
the mansucript; (6) Tomohiro Shibata collected EXAFS spectra and reviewed the manuscript; (7) Brian A. Powell
developed the original research hypotheses and secured research funding, assisted with all data analyses, reviewed the
manuscript, and completed minor journal revisions.
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hematite, with particular emphasis on changes in the Eu(III) coordination number and the influence
of temperature upon sorption. Our working hypothesis was that a decrease in hydration number
upon adsorption, as indicated by a decrease in coordination number and an increase in adsorption
with increasing temperature, results in energetically favorable sorption reactions, which are driven
by a large, positive entropy term. To perform these studies, we applied the diffuse layer model
to describe Eu(III) adsorption onto hematite at pH values ranging from ∼ 3 to 7 and at 15, 25,
35, and 50 . Additionally, we characterized the Eu(III)-hematite surface complex and changes in
the Eu(III) primary hydration sphere using extended X-ray absorption fine structure spectroscopy
(EXAFS) and computational modeling. High-resolution transmission electron microscopy (HRTEM)
was used to identify possible europium surface precipitates or morphological changes in the hematite.
The data indicate that the adsorption reaction (1) is endothermic, (2) proceeds with a decrease in
the Eu(III) coordination number, and (3) results in the formation of a bidentate mononuclear surface
complex, (≡FeO)2 Eu+ . The enthalpy and entropy values for the formation of this surface complex,
which were estimated using a van’t Hoff plot, were 131 ± 8 kJ mol−1 and 439 ± 26 J K−1 mol−1 ,
respectively, indicating that adsorption of Eu(III) onto hematite is entropically driven. Additionally,
we suggest that the decrease in Eu(III) coordination number and the large entropy term are due to
the loss of coordinating water molecules from the Eu(III) hydration sphere.

4.1

Introduction

Chemistry at the solid-water interface plays an important role in the environmental fate and transport of actinides. However, despite numerous investigations describing the adsorption of plutonium
and other actinides onto various clay, iron, titanium, and other minerals (reviewed in Geckeis et
al.30 ), many questions remain regarding actinide interfacial chemistry in the environment. For example, kilometer-scale transport of plutonium in the subsurface at the U.S. Nevada Test Site1 and
the Russian Mayak Production Association2 has been linked to the irreversible adsorption of plutonium onto mobile colloids, despite competing chemical processes (e.g., adsorption to bulk immobile
mineral phases, precipitation). Although many studies have demonstrated that this strong and possibly irreversible adsorption may result from the stabilization of Pu(IV) surface species formed via
reduction of Pu(V),33–36,38,52,53 the mechanism or mechanisms driving this reduction have not yet
been identified.
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Investigating the thermodynamics of actinide adsorption reactions, with particular emphasis
on the entropy and enthalpy of these reactions, may provide insight into the mechanisms driving
the phenomena described above; yet, only a few researchers have probed this topic. AlmazanTorres et al. used multiple techniques to examine uranium adsorption onto zirconium oxophosphate,
including variable–temperature studies which indicated that uranium adsorption increased with
increasing temperature.3 Other researchers have observed a similar relationship with temperature
for transition metal ion adsorption onto goethite45 and kaolinite,46 and for europium adsorption
onto clay minerals.47,54 Almazan-Torres et al. also used equilibrium constants derived from surface
complexation modeling (SCM) and the van’t Hoff relationship to estimate the enthalpy and entropy
for uranium adsorption onto zirconium oxophosphate.3 Their results indicated that the reaction was
endothermic and had a positive entropy change. They suggested that the positive entropy change
for the adsorption reaction was associated with the release of coordinating water molecules from the
primary hydration sphere of the metal ion during adsorption. In other words, the positive entropy
change was due to the increased disorder achieved in the system as water molecules moved from a
fully coordinated state into the more disordered state of bulk water.
Changes in the primary hydration sphere of metal ions are known to occur for inner-sphere
adsorption onto mineral surfaces.31 Specifically, the release of coordinating water molecules from
the hydration sphere of the metal ion is expected in order to accommodate space within the coordination shell for direct bonding to the mineral surface. The extent of water loss could greatly
impact the favorability or reversibility of metal ion adsorption onto mineral surfaces, with increased
water losses possibly yielding larger entropy changes. Additionally, the loss of hydrating waters from
the actinide and mineral surface may provide an energetic barrier which limits plutonium desorption and may help to explain the long-distance environmental transport of plutonium observed by
Kersting et al.1 and Novikov et al.2 However, directly observing changes in the hydration sphere
of a metal ion is not possible with conventional macroscopic experimental techniques. Fortunately,
extended X-ray absorption fine structure spectroscopy (EXAFS) provides a means for examining
the coordination environment of an adsorbed metal ion in situ, and numerous researchers have
already demonstrated success analyzing the coordination environment of actinides adsorbed onto
several iron minerals.e.g.,55–57 Additionally, advances in computational modeling make it possible
to simulate actinide adsorption onto mineral surfaces, providing a means to compare theory with
experiment.
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Although not an actinide, we investigated the sorption behavior of Eu(III) for two reasons.
First, Eu(III) is a stable oxidation state58 analog for Pu(III) and other trivalent actinide ions (e.g.,
Am, Cm, and higher actinides), and as shown in Fig. 2.6, Eu(III) remains present in aqueous
systems as the free hydrated ion over a broad pH and temperature range, even in the presence of
atmospheric carbon dioxide. Using Eu(III) therefore provides a somewhat simplified system that
is not subject to complex aqueous and redox chemistry, unlike plutonium. Second, the aqueous
coordination environment of Eu(III) (i.e., the number of water molecules in the Eu(III) primary
hydra-tion sphere) is well defined,59 thereby simplifying spectroscopic data analyses, and allowing
us to more accurately examine changes in the europium coordination environment after sorption.
The objectives of this study were to investigate the thermodynamics of actinide surface
interactions, using complementary techniques, with specific focus on understanding changes in the
hydration sphere of the actinide during adsorption. In this work, we have estimated the reaction
enthalpy and entropy of Eu(III) adsorption onto hematite. Furthermore, by combining SCM, EXAFS, computational modeling, and electron microscopy, we have successfully developed a robust and
self-consistent description of the Eu(III)–hematite surface complex. The combined data suggest that
Eu(III) adsorption onto hematite results in the formation of a bidentate mononuclear inner-sphere
surface complex, and that the adsorption reaction is thermodynamically favorable due to a large
positive entropy change, which we propose is due to the loss of coordinating water from the Eu(III)
primary hydration sphere during adsorption.

4.2
4.2.1

Experimental Methods
Chemicals

Europium working solutions and calibration standards were prepared in 2% HNO3 by diluting a
plasma standard (1,000 µg mL−1 in 2% HNO3 , High Purity Standards). Europium oxide (99%,
Alfa Aesar), iron(III) nitrate nonahydrate (98–101%, Alfa Aesar), nitric acid (67–70%, BDH Aristar
Plus), perchloric acid (70%, EMD), potassium bicarbonate (100%, Sigma), potassium hydroxide
(88.5%, J.T. Baker), sodium chloride (99%, BDH), and standardized sodium hydroxide (0.01, 0.1 N,
Metrohm) and hydrochloric acid (0.01, 0.1 N, Metrohm) were used as received. Distilled de-ionized
(DDI) water with resistivity >18 MΩ cm was obtained from a Millipore SuperQ water filtration
system.
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4.2.2

Hematite Synthesis and Characterization

Hematite (α−Fe2 O3 ) was synthesized by transformation of ferrihydrite using a method adapted from
Schwertmann and Cornell.60 In brief, 80 g of Fe(NO3 )3 · 9H2 O were dissolved in 1 L of DDI H2 O at
90  and mixed with 1 L of 1 M KOH (heated to 90 ) in a 2 L polycarbonate bottle (PC). Then,
100 mL of 1 M KHCO3 was mixed with the solution to give a pH of approximately 8. The solution
was then heated to 100  in the PC bottle for 48 h to allow complete transformation to α − Fe2 O3 .
After the incubation period, the resulting bright red solid was washed with DDI H2 O six times to
remove residual salts. After drying at approximately 105 , the hematite was gently ground using
a mortar and pestle and stored in a high-density polyethylene vial (HDPE). The synthesis yielded
16 g of α−Fe2 O3 .
Hematite was identified as the sole product by X-ray powder diffraction using a Rigaku
Ultima IV diffractometer (Cu Kα1 radiation). Surface area analysis by N2 adsorption using a
Micrometrics ASAP 2010 gave a BET surface area of 30.7 m2 g−1 , and transmission electron microscopy identified the material as having a rhombohedral morphology with a primary crystal size
of 60 − 80 nm.
The enthalpy of proton adsorption was determined using a “∆T titration” as described
by Fokkink et al.61 This method requires equilibrating the mineral suspension at the point of zero
charge (pzc), which was first determined using a mass titration.62,63 Cristiano et al. have previously demonstrated that a mass titration yields an equivalent pzc as potentiometric titrations for
goethite.63 During the mass titration, weighed aliquots of hematite were added to a vacuum degassed
0.01 M NaCl solution at 25 . The initial pH of the solution and the pH after equilibration with
each hematite aliquot (equilibration defined as a stable pH, and generally achieved after 10−20 min.)
were recorded and plotted as a function of hematite concentration (g L−1 ) (Fig. A.1). The mass
titration was completed through a hematite concentration of ∼ 7 g L−1 . During mass titrations, it
is expected that with each addition of pure mineral, the pH will be buffered toward the mineral’s
pzc, until a constant pH (i.e., the pzc) is achieved. In our case, a clear plateau in the measured
pH values was not observed. However, an exponential fit to the data indicated that a constant pH,
or the hematite pzc, would be reached at ∼ 7.36. From the exponential fit, we determined that a
hematite concentration of 10 g L−1 would give a suspension pH of ∼ 7.34, which is less than 0.5%
different from the expected pzc (7.36). Therefore, 10 g L−1 solutions of α−Fe2 O3 were used for the
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“∆T titration” and the potentiometric titrations described below.
The “∆T titration” was completed by vacuum degassing a 10 g L−1 solution of α−Fe2 O3
in 0.01 M NaCl for 30 min. The degassed hematite suspension was then equilibrated by mixing
overnight under Ar flow at 15  in a water-jacketed reaction vessel. After equilibration, a combination glass body pH electrode (Metrohm) was used to record the suspension pH (i.e., pzc). A
temperature probe was used in conjunction for automatic temperature compensation. The suspension temperature was then increased by 3 to 10 , and the suspension was allowed to equilibrate
before recording the new pH. An electrode potential drift equal to or less than 0.1 mV min−1 was
defined as equilibrium. This process was repeated to obtain the pzc at temperatures ranging from 15
to 60 . The pzc was then plotted as a function of inverse temperature to determine the enthalpy
of proton adsorption.
After completing the temperature titration, the hematite suspension was returned to 25 
and titrated using 0.1 M NaOH and 0.1 M HCl. The hematite site density and surface acidity constants at 25  were determined by fitting the potentiometeric titrations with a surface complexation
model (described below). Then, the surface acidity constants at 15, 35, and 50  were calculated
using the van’t Hoff equation, the surface acidity constants determined for 25 , and the enthalpy
of proton adsorption determined from the “∆T titration.”

4.2.3

Variable-Temperature Batch Sorption

Adsorption of Eu(III) as a function of pH and temperature was studied in batch systems prepared
in 50 mL polypropylene (PP) centrifuge tubes. Each tube initially contained 0.5 g L−1 α−Fe2 O3 ,
3.7 × 10−8 M Eu(III), and 0.01 M NaCl in DDI H2 O. The pH of the suspension in each tube was
adjusted using NaOH and HCl to obtain 26 tubes with pH ranging from approximately 3 to 7.8. No
additional pH adjustments were necessary after setting the initial pH.
Reaction tubes were placed horizontally within a temperature controlled orbital shaker
(VWR) initially at 15 . After 3 days of reaction, each tube was sampled by measuring the pH
using a combination electrode with automatic temperature compensation (Thermo 9157BNMD) and
by removing a 1.5 mL homogeneous aliquot. Each aliquot was centrifuged at 18,700g for 30 min
to sediment particles larger than approximately 60 nm, and 1 mL of the resulting supernatant was
diluted to 10 mL in 2% HNO3 . Total Eu concentrations were measured using a Thermo X Series 2
inductively-coupled plasma mass spectrometer (ICP-MS) with 242 Pu as the internal standard. Mea25

sured concentrations were corrected for dilution and plotted as a function of pH. After 2 to 4
additional days of reaction, the tubes were sampled a second time, as above, to confirm reaction
equilibrium. If no significant difference between sorption edges measured from the first and second
sampling events was observed, the reaction temperature was increased. The procedure was repeated
to give data at 15, 25, 35, and 50 .

4.2.4

Surface Complexation Modeling

Hematite potentiometric titrations and sorption-edge data were modeled using a modified version
of the program FITEQL.64 The FITEQL code was modified to allow: (1) a database link; (2)
code stability for cases with large species matrices; and, (3) activity corrections using several ionic
strength models beyond the Davies equation (although, in this work the Davies equation was used
for all activity corrections). Although more sophisticated models are available (e.g., the CD-MUSIC
model65,66 ), the adsorption data here were fit using the diffuse layer model (DLM),67 which was
chosen because it is effective, accurate, and simple, only requiring the hematite surface area, concentration, site density, and surface acidity constants. Additionally, using the DLM allowed us to
independently build the surface complexation model in order to compare the results with those from
the EXAFS and computational modeling. To determine the surface site density and surface acidity
constants, the potentiometric titration data were modeled as the net proton concentration versus
the logarithm of proton activity. For the sorption data, molar adsorbed Eu(III) concentrations were
calculated as the difference between the initial and measured aqueous Eu(III) concentrations, and
were then modeled as a function of proton activity. FITEQL was set to allow 5% relative error
in all experimental data, and the ratio of the weighted sum of squares to the degrees of freedom
(WSOS/DF) was used as an indication of fit quality. The Davies equation A values were adjusted
for temperature according to Langmuir.9 It should be noted that FITEQL uses the 1.0 M standard
state, and equilibrium constants derived in this work are referenced to this standard state. However,
to facilitate comparison between our work and the work of others, we also provided equilibrium
constants referenced to both a mole fraction standard state as suggested by Wang and Giammar,68
and the new site-occupancy standard state as suggested by Sverjensky.69
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4.2.5

EXAFS Sample Preparation, Data Collection, and Analysis

Hematite was chosen as the solid phase because it is ubiquitous in nature and has been extensively studied.35,52,61,70,71 Additionally, hematite is an end member iron corrosion product that is
expected to occur in future repositories where nuclear waste will be stored in iron-based canisters.
However, using hematite as the solid phase posed a significant challenge for our EXAFS studies.
Europium LII - and LIII -edge EXAFS measurements have been conducted on Eu(III) reacted Aland Si-based adsorbents.e.g.,72 However, few researchers have attempted EXAFS measurements on
Eu(III) adsorbed onto iron-based solids because of the closely located Fe K and Eu L edges, which
are separated by less than 200 eV, and because of the proximity of the Kα1 fluorescence line for Fe
(7,112 eV) and the Lα1 fluorescence line for Eu (6,977 eV). To overcome this analytical limitation,
we used Eu K-edge (48,519 eV)73 absorption spectra to elucidate the local structural environment
of Eu(III) at the hematite-water interface as a function of pH and surface coverage. Eu K-edge
EXAFS spectra yield Fourier-transform data comparable to deconvoluted Eu L-edge spectra data,74
and Eu K-edge high-energy measurements provide better EXAFS spectra quality than Eu LII -edge
measurements.75
EXAFS hematite samples were prepared in 50 mL PP centrifuge tubes and initially contained ∼ 2 × 10−4 M Eu(III), 3.5 g L−1 α−Fe2 O3 , and 0.01 M NaCl in a total volume of 40 mL.
The suspension pH was adjusted using NaOH and HCl to obtain an approximate pH of 6 and 8.
The final pH was measured after reaction and before recovery of the hematite. The samples were
reacted for several days in equilibrium with the partial pressure of carbon dioxide in air. Using aqueous speciation calculations, the final aqueous conditions were calculated to be undersaturated with
respect to amorphous Eu(OH)3 for the sample at pH 6.3, but slightly oversaturated with respect to
Eu(OH)3 for the sample at pH 8.2. The hematite paste samples were recovered via centrifugation
for 10 min at 20,190g. Total dissolved Eu concentrations in the supernatant were analyzed as above.
The samples were loaded in 3 mm PC sample holders, which were then sealed with Mylar tape and
wrapped with moist tissues to prevent drying prior to EXAFS data collection.
Crystalline europium oxide (Eu2 O3 ), amorphous europium hydroxide (Eu(OH)3 ), and aqueous Eu(III) were used as references for the EXAFS analysis. To prepare the aqueous Eu(III) reference
sample, Eu2 O3 was dissolved in excess perchloric acid and diluted with DDI H2 O to give a final
Eu(III) concentration of ∼ 0.5 M at a pH of 0.2. An aliquot of this solution was shipped to the
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Advanced Photon Source (APS) for analysis. The pH of the remaining solution was increased to
∼ 11 using NaOH to precipitate amorphous Eu(OH)3 . The resulting white solid was recovered via
centrifugation and loaded into a PC sample holder (as above) for EXAFS analysis.
Europium K-edge (48,519 eV) X-ray absorption spectroscopy measurements were performed
at the APS 10ID MRCAT beamline. We previously conducted the measurements at 77 K to minimize
thermal disorder. However, we found negligible beam-induced damage and negligible improvement
in the spectra quality (i.e., no thermal disorder). Therefore, measurements reported here were conducted at room temperature. The X-ray beam reflected from the Si(333) plane of a double crystal
monochromator was used and optics were set to eliminate low-energy and high-energy harmonic
X-rays from the monochromator crystal. The incident beam was monitored using a nitrogen-filled
ion chamber and fluorescence X-rays were measured with a Kr-filled ion chamber with Stern Heald
geometry. The program FEFF 676 was used to estimate backscattering phases and amplitude functions of single scattering (SS) Eu−O and Eu−Eu, and multiple scattering (MS) Eu−O−O paths,
which were derived from structural refinement data for Eu2 O3 .77 The amplitude reduction factor
(S◦ 2 ) used was 0.57. XAS data reduction and analyses were performed using the IFEFFIT enginebased interface, SixPACK.78 k 3 −weighted Fourier-transformed EXAFS spectra were fit in R-space
over the range of 0−4.5 Å. The coordination number (CN), inter-atomic distance (R), Debye-Waller
factor (σ 2 ) and ∆E◦ for all samples were allowed to float and were linked to all shells during the fit
unless otherwise mentioned. σ 2 of the 1st and 2nd Eu−Eu shells were fixed at 0.002 and 0.01 Å2 ,
respectively. To reduce the uncertainties of the fit parameters, the Best Integer Fit method was used
to constrain the coordination number 6 for the Eu−O shell in crystalline Eu2 O3 (s).

4.2.6

High–Resolution Transmission Electron Microscopy

An aliquot of each of the solid EXAFS samples prepared above was washed in DDI H2 O and then
dispersed onto a lacey-carbon coated Cu TEM grid. The samples were then imaged using a high–
resolution transmission electron microscope (JEOL 3011), and further analyzed by means of selected
area electron diffraction, and energy-dispersive X-ray (EDX) spectroscopy.
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4.3

Results and Discussion

4.3.1

Hematite Characterization

To develop the surface complexation model for Eu(III) adsorption onto hematite, it was first neces◦
sary to determine the enthalpy of proton adsorption (∆ads HH
+ ) for the hematite surface, which was

needed to calculate the hematite surface acidity constants at each temperature. A “∆T titration”
◦
as described by Fokkink et al.61 was used to determine ∆ads HH
For the “∆T titration,” the
+.

initial pzc, at 15 , was defined as the pH of the 10 g L−1 hematite suspension in 0.01 M NaCl
after overnight equilibration. Although surface acidity constants can be determined from potentiometric titrations at each of the experimental temperatures, we chose to use the ∆T approach
because it (1) is experimentally less challenging, (2) eliminates potential artifacts which can arise
from potentiometric titrations (i.e., hysteresis), and (3) provides a more accurate assessment of the
pzc dependence on temperature.61 Assuming no specific adsorption of background electrolyte ions,
◦
∆ads HH
+ was then derived from the equation

pzc =

◦
∆ads HH
1
+
·
ln 10 · R T

(4.1)

where T is the temperature in Kelvin, and R is the universal gas constant.†61 Although Eq. 4.1 is a
variant of the van’t Hoff relationship, it relates the pzc, rather than the log K values of individual reactions, to inverse temperature. However, the enthalpy derived from Eq. 4.1 represents the enthalpy
of proton adsorption for both the reaction give as K+ and for the reverse of the reaction given as K−
◦
(Table 4.1), with the assumption that ∆ads HH
+ is equivalent for protonation of either ≡ FeOH or

≡ FeO− , as suggested by Fokkink et al.61 and Sverjensky and Sahai.71 A simple derivation of Eq. 4.1
is given in Appendix A. However, we refer readers to Fokkink et al.61 for the complete derivation of
Eq. 4.1 from the Gibbs equation.
As shown in Fig. 4.1, the hematite pzc decreased linearly with increasing temperature. The
◦
−1
∆ads HH
, which is similar to
+ calculated from the slope of the linear fit was −32.2 ± 0.9 kJ mol

the experimentally derived values of −36.3 kJ mol−1 reported by Fokkink et al.61 and −25 kJ mol−1
◦
reported by Kosmulski et al.79 Additionally, the calculated ∆ads HH
+ is close to the theoretical value

(−45 ± ∼ 4 − 8 kJ mol−1 ) determined by Sverjensky and Sahai71 for a single-site model (i.e.,
† Eq. 4.1 is the integrated form of (∂pH◦ /∂T )
◦
2
61
Cs = ∆ads HH+ /(2.303 · RT ) originally published by Fokkink et al.
This equation should not be directly used to calculate the pzc at a single temperature.
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≡ FeOH) using Born solvation and crystal chemical theories.
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Figure 4.1: Point of zero charge as a function of temperature (“∆T titration”)61 for a 10 g L−1
α−Fe2 O3 suspension in 0.01 M NaCl. The solid line is the linear fit with an adjusted R2 equal to
0.994, and the dashed lines are the 95% confidence intervals.
Potentiometric titrations were performed only at 25  to determine the hematite site density
and surface acidity constants, K+ and K− . The equilibrium expressions for surface protonation (K+ )
and de-protonation (K− ) are given by

K+ =

[≡ FeOH+
2]
[≡ FeOH]{H}

+

· exp

Fψ
RT

+

K− =

[≡ FeO− ]{H}
[≡ FeOH]

· exp −

Fψ
RT

(4.2)

(4.3)

where F is the Faraday constant and ψ is the surface potential. The 25  titration and resulting
FITEQL model are shown in Fig. 4.2. The surface site density, log K+ , and log K− values determined
from the fitting routine were 4.28 sites nm−2 , 6.19 ± 0.04, and −8.11 ± 0.04, respectively. The
hematite pzc calculated from the surface acidity constants is 7.2, which is comparable to the pzc of
7.5 as measured at 25  during the “∆T titration,” and the pzc of ∼ 7.36 originally determined from
the mass titration. Although the hematite pzc measured here is lower than pzc values commonly
reported and lower than the value of 9.5 suggested by Sverjensky,80 our pzc value is within the range
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of ∼ 6.2 − 8.8 given by Kosmulski81,82 for other synthetic hematites. Furthermore, our surface site
density and surface acidity constants are similar to those of Zeng et al.,83 even though a different
synthesis method was used (aerosolization of Fe(CO)5 ). They reported a site density of 4.2 sites nm−2
and average surface acidity constants of approximately 6.5 and −8.9 for synthetic hematite with
particle sizes ranging from 12 to 50 nm.83 The surface acidity constants for 15, 35, and 50  were
◦
then calculated using the van’t Hoff equation and the ∆ads HH
+ determined above. These constants

are given in Table 4.1 as log K values. The surface acidity constants referenced to the new siteoccupancy standard state suggested by Sverjensky69 are also given in Table 4.1 as log K ‡ .
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Figure 4.2: Potentiometric titration of a 10 g L−1 α−Fe2 O3 suspension in 0.01 M NaCl at 25 .
The solid line is the surface complexation model calculated using FITEQL.64 The WSOS/DF for
the fit was 13.2.

4.3.2

Variable-Temperature Adsorption and Surface Complexation Modeling

Europium adsorption onto hematite at 15  is shown for the first and second sampling events in
Fig. 4.3. Because there was not a significant difference between the two sorption edges, we considered
the Eu-hematite system at equilibrium and increased the experimental temperature to 25 . Similar
to the results at 15 , differences between the first and second sampling events for Eu(III) adsorption
onto hematite at 25, 35, and 50  were not observed (data not shown).
Rabung et al. studied the adsorption of Eu(III) onto a natural hematite (ground to give par31

Table 4.1: Equilibrium constants used for surface complexation modeling
with FITEQL.
◦
Kw

∗ ◦
β1

K+

K−

a

b
c

d

T 

Reaction
H2 O *
) H+ + OH−

Eu3+ + H2 O *
) EuOH2+ + H+

≡ FeOH + H+ *
) ≡ FeOH+
2

≡ FeOH *
) ≡ FeO− + H+

log K ‡

log K

15

−14.34a

25

−13.99a

35

−13.68a

50

−13.26a

15

−8.04a

25

−7.76a

35

−7.49a

50

−7.13a

15

6.39 ± 0.04c

6.51d

25

6.19 ± 0.04b

6.31c

35
50

6.01 ± 0.04c
5.75 ± 0.05c

6.13c
5.87c

15

−8.30 ± 0.04c

−8.18c

25

−8.11 ± 0.04b

−7.99c

35

−7.92 ± 0.04

c

−7.80c

50

−7.67 ± 0.05c

−7.55c

◦ at each temperature according to
The density of water84 was used to calculate Kw
Bandura and Lvov,85 and the formation constant for EuOH2+ (∗ β1◦ ) was calculated
◦ and ∗ β ◦ are for I = 0.
according to Klungness and Byrne.22 Note that both Kw
1
Surface acidity constants were determined from the potentiometric titration (Fig. 4.2)
at I = 0.01 M, and are referenced to the 1.0 M standard state.
Constants were determined from the van’t Hoff equation, the enthalpy of proton adsorption (−32.2 kJ mol−1 ), and the K+ and K− values derived from the 25
potentiometric titration.
Equilibrium constants referenced to the site-occupancy standard state as suggested by
Ns A s
Sverjensky69 and calculated using the equation K ‡ = K N
‡ A‡ . Ns and As are the
surface site density and surface area measured in this work, 4.28 × 1018 sites m−2
and 30.7 m2 g−1 , respectively. N ‡ and A‡ are the hypothetical values suggested by
Sverjensky,69 10 × 1018 sites m−2 and 10 m2 g−1 , respectively.



ticle sizes < 100 µm) in 0.1 M NaClO4 at ambient temperature, and observed a large increase in the
percent of Eu(III) adsorbed, from ∼ 0% to 100%, over a narrow pH range (1−1.5 units).70 Although
their results are not directly comparable to our results because of many experimental differences
between the two studies, a sharp increase in the fraction of Eu(III) adsorbed onto hematite over a
narrow pH range was also observed in this work. This observation is common for metal sorption edge
data, and has also been observed for Eu(III) adsorption onto kaolinite,47,86 Na–montmorillonite,47
and goethite.87 Rabung et al.70 also reported greater adsorption for a higher Eu to hematite site
32

1 .0

F r a c tio n E u S o r b e d

0 .8

T = 1 5 °C
1 st s a m p lin g
2 n d s a m p lin g

0 .6
0 .4
0 .2
0 .0
3

4

5

p H

6

7

8

Figure 4.3: Fraction of Eu(III) adsorbed onto hematite as a function of pH at 15  for the first and
second sampling events. Error bars representing ± 2σ are within each data point. No significant
difference between the two sampling events was observed.
ratio than used in our experiments over the same pH range (Fig. 4.4). The observed differences
between the data of Rabung et al.70 and the current work could be due to: (1) the lower pzc in the
Rabung et al. study (i.e., 6.0 compared to ∼ 7.3 in this work); (2) the higher ionic strength used by
Rabung et al.; or (3) the presence of impurities in their natural hematite sample.
Eu(III) adsorption onto hematite increased with increasing temperature (Fig. 4.4), indicating that the reaction is endothermic. Our results are consistent with the observation of increasing sorption with increasing temperature that was reported for Eu(III) adsorption onto Namontmorillonite and kaolinite.47 Additionally, increased sorption at higher temperatures is commonly reported for other metal ions. For example, Cd(II) and Co(II) adsorption onto kaolinite,46
Pb(II) and Zn(II) adsorption onto goethite,45 U(VI) adsorption onto zirconium oxophosphate,3 and
Pu(V) adsorption onto hematite, silica, and montmorillonite42 were also reported to increase with
increasing temperature.
Metal surface complexation depends on both the surface properties specific to the mineral
and on the aqueous chemistry of the metal ion. For these experiments, a pH range was selected
to avoid the formation of Eu carbonate species, which are not expected to dominate aqueous Eu
chemistry until above pH 7 as shown in Fig. 2.6. Although we included the equilibrium expression
for the formation of the first Eu hydrolysis product (EuOH2+ ) in the surface complexation model,
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Figure 4.4: Adsorbed Eu(III) concentrations as a function of pH at 15, 25, 35, and 50 , with the
corresponding fits for the (≡ FeO)2 Eu+ surface complex calculated using FITEQL.64 The WSOS/DF
for each of the fits in order of increasing temperature were 109.7, 100.8, 84.7, and 50.6.
this species was also insignificant over the experimental pH range (see Fig. 2.6). Additionally, under
the experimental conditions, reduction of Eu(III) to Eu(II) was not favorable,58 and only the free
hydrated Eu(III) ion was considered.
Several different surface reactions were plausible for these experimental systems. These
included monodentate surface complexation with (Eq. 4.4) or without (Eq. 4.5) a single proton
release, and bidentate surface complexation with (Eq. 4.6) or without (Eq. 4.7) the release of two
protons. Polynuclear Eu(III) surface species were not considered due to the low aqueous europium
concentrations used in our studies and, as will be discussed below, lack of Eu−Eu scattering distances
in EXAFS data.

≡ FeOH + Eu3+ *
) ≡ FeOEu2+ + H+

(4.4)

≡ FeOH + Eu3+ *
) ≡ FeOHEu3+

(4.5)

2 ≡ FeOH + Eu3+ *
) (≡ FeO)2 Eu+ + 2H+

(4.6)
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2 ≡ FeOH + Eu3+ *
) (≡ FeOH)2 Eu3+

(4.7)

The reaction given in Eq. 4.4 is the most prevalent in the literature, and several researchers
have used a similar monodentate reaction with proton release to model Eu(III) adsorption onto kaolinite,47,86 Na-montmorillonite,47 natural hematite,70 and goethite.87 Of particular interest, Rabung
et al. successfully modeled Eu(III) adsorption onto natural hematite using a monodentate surface complexation reaction (Eq. 4.4).70 To distinguish between monodentate and bidentate surface
species, Rabung et al. used a Kurbatov plot, where the slope of log([Eu]ads /[Eu]free ) vs. pH gives
the number of protons released during surface complexation.88 The Kurbatov analysis suggested
that only a single proton was released during Eu(III) adsorption onto natural hematite.
To determine the surface species that best described our adsorption data, we used the
equilibrium expressions given in Table 4.1 and FITEQL to model the data using each of the plausible
surface reactions described above (Eqs. 4.4 – 4.7). We also attempted to model the adsorption data
using variable combinations of the reactions given in Eqs. 4.4 – 4.7; however, FITEQL would not
converge when using multiple surface complexation reactions due to the high degree of correlation
between the reactions. Based on the WSOS/DF values, the surface species (≡ FeO)2 Eu+ (Eq. 4.6),
gave the best fit to our data at each temperature. As will be described in the next sections, the results
of the surface complexation modeling were in excellent agreement with the bidentate mononuclear
surface complex proposed from the EXAFS analysis and computational simulations. Additionally, a
Kurbatov analysis for the adsorption data gave an average slope of 2.2 ± 0.1 over the temperature
range studied, indicating that approximately two protons were released during Eu(III) adsorption
onto hematite. The discrepancy between this work and the Rabung et al.70 SCM is likely due to
experimental differences between the two studies as stated previously. However, other reports of
bidentate mononuclear surface coordination are available in the literature, e.g., U(VI) adsorption
onto ferrihydrite89 and Th(IV) adsorption onto magnetite and ferrihyrite.90 Additionally, and more
comparable to our work, Dardenne et al. observed bidentate mononuclear coordination for Lu(III)
(also a rare earth element with chemistry similar to Eu(III)) adsorbed onto ferrihydrite.91
Eu(III) adsorption edges for 15, 25, 35, and 50  are shown in Fig. 4.4 with the resulting
FITEQL models, and the equilibrium constants for the formation of (≡ FeO)2 Eu+ at each temperature are given in Table 4.2 as log K values. We should note that these log K values were derived
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using the following mass action expression in FITEQL:

K=

[(≡ FeO)2 Eu+ ][H+ ]2
[≡ FeOH]2 [Eu3+ ]

(4.8)

Because Eq. 4.8 uses an exponent of 2 for the species ≡ FeOH, the log K values given in Table 4.2
are not applicable for systems with hematite concentrations other than that used in this work.
Therefore, we converted our log K values to log K3 values using the equation

K3 = K[≡ FeOH]tot = K(N † ACs )

(4.9)

where N † is the molar site density (7.11×10−6 mol m−2 ), A is the specific surface area (30.7 m2 g−1 ),
and Cs is the solid phase concentration (0.5 g L−1 ) used in this work. K3 is the equilibrium constant
for model 3 as described by Wang and Giammar,68 which defines the mass action expression using
the mole fraction (rather than molarity) standard state with the equation

K3 =

([(≡ FeO)2 Eu+ ]/[≡ FeOH]tot )[H+ ]2
([≡ FeOH]/[≡ FeOH]tot )2 [Eu3+ ]

(4.10)

The log K3 values are also given in Table 4.2. Because the log K3 values are not dependent
on solid phase concentration, surface area, or site density, the log K3 values can be directly input
into software programs that implement the mole fraction standard state in order to model bidentate
mononuclear Eu(III) surface complexation for reaction systems with other hematite properties and
concentrations. However, to use the equilibrium constants determined here in software programs
that use the 1.0 M standard state, e.g., FITEQL, practitioners should apply Eq. 4.9 to convert
the log K3 values reported in Table 4.2 to log K values, using the molar site density (N † ), specific
surface area (A), and solid phase concentration (Cs ) specific to their reaction systems. We have
also reported the log K values referenced to the new site-occupancy standard state69 in Table 4.2 as
log K ‡ .
Ridley et al. recently studied the influence of temperature on Y and Nd adsorption onto
rutile.92,93 Their initial results suggested that hydrolysis of Nd surface complexes was important at
temperatures greater than 100  and at pH values greater than the pH at which complete adsorption
was observed.92 However, a more recent study using a more advanced modeling approach, suggested
that hydrolysis of Y and Nd surface complexes may be important at lower temperatures and at
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Table 4.2: Equilibrium constants for Eu adsorption to hematite calculated using FITEQL.
Reaction
2 ≡ FeOH + Eu3+ *
) (≡ FeO)2 Eu+ + 2H+

a
b
c

T 

log K

log K3

log K ‡

15

−0.98 ± 0.04a

−4.94b

18.96c

25

0.05 ± 0.04a

−3.91b

19.97c

35

0.71 ± 0.04

a

b

−3.25

20.65c

50

1.67 ± 0.03a

−2.29b

21.61c

The exponent for ≡ FeOH was defined as 2 in both the FITEQL mass balance and mass action
expressions (Eq. 4.8). Constants are for I = 0.01 M, and referenced to the 1.0 M standard state.
Calculated using Eq. 4.9. Constants are referenced to the mole fraction standard state.
Equilibrium constants referenced to the site-occupancy standard
state as suggested by Sverjensky.69
(N A )2 
These were calculated using the equation K ‡ = K Ns‡ As‡ Cs , where Cs is the solid phase concentration used in this work, 0.5 g L−1 .69 Ns and As are the surface site density and surface area
measured in this work, 4.28 × 1018 sites m−2 and 30.7 m2 g−1 , respectively. N ‡ and A‡ are the
hypothetical values suggested by Sverjensky,69 10 × 1018 sites m−2 and 10 m2 g−1 , respectively.

somewhat lower pH values.93 The reactions for Y and Nd adsorption onto rutile used by Ridley et
al. do not include the release of one or more protons from the rutile surface during adsorption.93
Instead, only reactions with hydrolyzed surface species include a net proton release. Ridley et al.
previously stated that hydrolysis of an adsorbed Y atom was more probable than the release of a
surface proton during Y adsorption due to increased distances between Y and surface oxygens as
compared to the Y−O distance in aqueous complexes.92 However, it is not clear that such changes
in bond lengths have been experimentally observed. The reference given to Zhang et al.94 indicates
that the distance between Y and the coordinated rutile terminal oxygens (the surface site available
to release a proton) is 2.4 Å, which does not seem significantly different than the 2.37 Å Y−O
distance determined for aqueous complexes. Additionally, Tan et al. studied Eu(III) adsorption
onto rutile using EXAFS, and determined that the Eu−O distances for the inner-sphere surface
complexes were very close to those for an aqueous Eu(III) reference sample (∼ 2.4 Å compared to
2.43 Å, respectively). Therefore, the hydrolysis mechanism suggested by Ridley et al.93 may not be
applicable for our study of Eu adsorption onto hematite. Without further evidence of hydrolysis, the
current work maintains the working hypothesis that Eu(III) adsorbs as a free ion and that adsorption
is energetically driven by the entropy associated with dehydration of the Eu3+ ion upon sorption.

4.3.3

EXAFS Analysis

In an effort to verify the surface complexation mechanism proposed above, we also collected Eu
K-edge X-ray absorption spectra for two sorption and several reference Eu(III) samples. To achieve
high quality EXAFS data, we prepared the sorption samples to yield a loading of 5,000 – 10,000 mg
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of Eu(III) per kg of hematite. To do this, high concentrations of Eu(III) were added to hematite
suspensions. However, because higher concentrations of Eu(III) could result in precipitation rather
than adsorption, the pH of the sorption samples was set at ∼ 6 and 8 to bracket the pH where Eu(III)
solid phases (pH ∼ 8) and Eu(III)-carbonate complexes become favorable (Fig. 2.6). It should be
noted, however, that because the ratio [Eu(III)]tot /[≡ FeOH]tot is much higher for the EXAFS
samples (0.3) than for the batch experiments (0.0003), the adsorption edges shown in Figs. 4.3 and
4.4 are not directly comparable to the loading levels achieved for our EXAFS studies.
The k 3 −weighted EXAFS spectra and corresponding Fourier-transforms (FTs) for three
reference samples, Eu2 O3 , Eu(OH)3 , and Eu(III) (aq), are shown in Fig. 4.5, with fitting and
structural parameters for these data given in Table 4.3. The structural parameters obtained for the
reference samples Eu2 O3 and Eu(OH)3 are in agreement with the literature.72,77 For the aqueous
Eu(III) reference sample, the fit indicated a coordination number (CN) and a Eu−O distance of
8 ± 1 and 2.20 ± 0.01 Å, respectively. Allen et al. suggested a Eu−O CN of 9.3 ± 0.4 and a Eu−O
distance of 2.430 ± 0.003 Å.95 Our values are slightly smaller than those determined by Allen et al.,
which might be attributed to different reaction conditions used by their and our studies (i.e., 0.25 M
HCl compared to ∼ 0.3 M HClO4 , respectively). However, the CN of 8 ± 1 determined in this
work for the aqueous Eu(III) sample agrees with the study conducted by Kimura and Kato,96 who
reported a decrease in the number of coordinating H2 O molecules from 9 to 8 in the lanthanide series
between Eu and Tb. Additionally, an equilibrium between 8 and 9 coordinating H2 O molecules for
aqueous Eu(III) has been suggested by other researchers.59,97
EXAFS spectra with FTs for two Eu-hematite samples and the corresponding structural
parameters are also shown in Fig. 4.5 and Table 4.3, respectively. For both mineral samples, the first
main peak in the FTs occurs at approximately 2 Å, which we attribute to scattering from O atoms in
the first hydration sphere of the Eu complex. Note that the peaks usually appear at shorter distances
than the actual bond lengths due to the phase shift of the photoelectrons. Although Eu(CO3 )+ was
a favorable aqueous species in the sorption sample prepared at pH 8 (Fig. 2.6), including this species
in the EXAFS fitting routine did not improve the fit quality, and we conclude that Eu(III)-carbonate
surface complexes were not predominant in our samples. Unlike the FTs for the reference samples
Eu2 O3 and Eu(OH)3 , a second scattering frequency at approximately 3.6 Å was not observed in
either mineral sample, indicating the absence of neighboring Eu atoms. This suggests that Eu oxide
or hydroxide precipitates are not predominant surface species in either of our sorption samples,
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Figure 4.5: (a) Normalized, background-subtracted k 3 −weighted Eu K-edge EXAFS spectra of
Eu(III)-reacted hematite samples in air, aqueous Eu(III) in perchloric acid, am. Eu(OH)3 precipitate, and a reference Eu2 O3 (s) (Aldrich). The normalized k 3 −weighted spectra and non-linear leastsquares fit are shown in solid black and red lines, respectively. (b) Fourier-transformed k 3 −weighted
Eu K-edge EXAFS spectra of respective spectra shown in (a).
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Table 4.3: Local structural parameters in reference and mineral samples from least-squares
analyses of Eu K-edge EXAFS.a
sample

parameterb

Oc

Eu1c

Fec

Eu2c

R-factor

crystalline

CN

6e

3(1)

—

4(1)

0.038

—

0.046

—

—

0.108

3.3

—

0.139

−1.2

—

0.097

—

Eu2 O3 (s)

amorphous
Eu(OH)3 (s)

R (Å)

2.360(9)

3.62(8)

4.09(1)

σ 2 (Å2 )

0.006(1)

0.002(1)

0.01e

CN

10(1)

0.7(1)

R (Å)

2.464(8)

3.630(9)

4.06(1)

σ 2 (Å2 )

0.008(1)

0.002e

0.01e

—

—

pH 8.2

CN

5.3(9)

Γd = 8, 630

R (Å)

2.21(1)

3.09(4)

σ 2 (Å2 )

0.006(1)

0.01e

pH 6.3

CN

5(1)

Γd = 6, 170

R (Å)
σ 2 (Å2 )

2.21(1)
0.008(2)

pH 0.2

CN

8(1)

Eu3+ (aq)

R (Å)

2.20(1)

0.5 M

σ 2 (Å2 )

0.006(1)

a
b
c
d
e
f

1.1(7)

—

1.2(7)

4.8(9)

log SIf

3.08(4)
0.01e
—

—

Estimated uncertainties in the last digit of each value are given in parentheses.
CN, coordination number; R, interatomic distance (Å); σ 2 , Debye-Waller factor (Å2 ).
Fit quality confident limit for parameters: Eu−O shell, R = ±0.03 Å; Eu−Fe/Eu shell, CN = ±20%,
R = ±0.03 Å.
Γ, surface coverage (mg kg−1 ).
Fixed parameter.
Saturation index values, log SI, for Eu(OH)3 (s) were estimated using the solubility product constant
(Ksp = 9.38 × 10−27 ).98

despite the slight oversaturation (with respect to Eu(OH)3 ) of the sample at pH 8.2. Additionally,
Eu precipitates were difficult to locate in HRTEM analyses of the EXAFS samples, and the majority
of areas scanned did not show any precipitates. As an example, the HRTEM image in Fig. 4.6 shows
no Eu precipitates even though Eu was observed in EDX analysis. However, Eu precipitates were
observed in a preliminary EXAFS sample prepared at pH 8, and the particles were found to have
the structure of Eu2 O3 rather than the expected Eu(OH)3 which readily forms from oversaturation
of aqueous solutions. The presence of Eu2 O3 was identified by weak electron diffraction rings as well
as high-resolution imaging of individual particles (Figs. A.2, A.3). As there was no observation of
Eu−Eu distances in EXAFS spectra and only limited observations of Eu particles in HRTEM images,
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we conclude that the precipitates do not represent a significant fraction of Eu in samples prepared
at pH 8. However, the observation of Eu2 O3 is unique and is the subject of further examination.

Figure 4.6: High-resolution transmission electron micrograph of Eu-hematite EXAFS sample at pH
8.2 showing the hematite edges without observable Eu precipitates.
For both mineral samples, the nearest-neighbor Fe atom was located at approximately 3 Å.
Also, the Eu−O CN decreased from 8 ± 1 for the aqueous Eu(III) reference sample to approximately
5 ± 1 for both mineral samples. We attribute this change in CN to a release of coordinating H2 O
molecules upon formation of a Eu(III) surface complex. The decrease in CN and the short Eu−Fe
distance suggests that Eu forms an inner-sphere bidentate mononuclear surface complex, giving a
Eu(III) ion coordinated to three water molecules and two oxygen atoms on the hematite surface.
This surface complex is in agreement with our surface complexation modeling. Additionally, the
decrease in CN supports our hypothesis that there is a loss of water from the Eu(III) primary
hydration sphere during adsorption.
There are no known examples in the literature describing EXAFS data for Eu(III) reacted
with hematite. However, Stumpf et al. studied the sorption of Eu(III) onto smectite and kaolinite
using time-resolved laser fluorescence spectroscopy (TRLFS) and determined that Eu(III) formed
primarily inner-sphere surface complexes with both clays above pH 3.5, and that above pH 7, Eu
was coordinated to approximately 2.6 H2 O molecules, representing a loss of ∼ 6 coordinating H2 O
molecules.99 Additionally, Dardenne et al. (2001) used TRLFS and EXAFS to study the sorption of
Lu(III) onto 2-line ferrihydrite, and they also suggested the formation of an inner-sphere bidentate
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surface complex. Although we attempted using TRLFS in the current work to confirm our EXAFS
data, the samples yielded no Eu fluorescence indicating that the close proximity of surface Fe may
be quenching the signal.

4.3.4

Enthalpy and Entropy Derivation

To describe the thermodynamics associated with the formation of the (≡ FeO)2 Eu2+ surface species,
we derived the enthalpy and entropy of the reaction using a van’t Hoff plot which follows the
relationship

log K = −

∆r H
∆r S
+
ln 10 · RT
ln 10 · R

(4.11)

where ∆r H and ∆r S are the enthalpy and entropy of the surface complexation reaction shown in
Eq. 4.6.
Using the log K values derived directly from FITEQL, which are specific to our experimental
system as discussed above, the van’t Hoff plot (Fig. 4.7) yields a linear relationship between the
equilibrium constants for the formation of (≡ FeO)2 Eu2+ and inverse temperature, indicating that
the enthalpy of reaction is constant over the studied temperature range. The ∆r H calculated from
the slope of the linear fit is 131 ± 8 kJ mol−1 ; the entropy of reaction, ∆r S, calculated from
the intercept, is 439 ± 26 J K−1 mol−1 . We also prepared the van’t Hoff plot using the log K3
values given in Table 4.2 (Fig. A.4), and the calculated reaction enthalpy, denoted as ∆r H3 is also
131 ± 8 kJ mol−1 . However, the reaction entropy calculated using the log K3 values, ∆r S3 , is
365 ± 28 J K−1 mol−1 . This reaction entropy is significantly different than the entropy calculated
using the log K values.
It is not clear which equilibrium constants yield the most accurate estimate of reaction
enthalpy and entropy. Because the log K3 values should be applicable for Eu(III) adsorption onto
hematite at any solid phase concentration, and therefore may represent the intrinsic equilibrium
constants, it is possible that ∆r H3 and ∆r S3 represent the best choice for estimating the reaction enthalpy and entropy for Eu(III) adsorption onto hematite. However, the log K3 values are
referenced to the mole fraction standard state, which is not commonly used in chemical thermodynamics. As the log K values derived from FITEQL are referenced to the 1.0 M standard state
and are most representative of our reaction system, we support that the reaction enthalpy and en-
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Figure 4.7: van’t Hoff plot using log K values for the surface species (≡ FeO)2 Eu+ . The solid line
is the linear fit with an adjusted R2 equal to 0.989, and the dashed lines are the 95% confidence
intervals.
tropy for Eu(III) adsorption onto hematite are best estimated as 131 ± 8 kJ mol−1 (∆r H) and
439 ± 26 J K−1 mol−1 (∆r S), respectively. Regardless, the positive values of enthalpy and entropy
indicate that the formation of (≡ FeO)2 Eu2+ is entropically driven. Reactions that increase system
disorder, e.g. liquid to gas phase changes, and reactions that increase the total number of moles
present are thermodynamically driven by positive entropy changes. Rearrangement of water within
the primary hydration shell of metal ions is expected in order to accommodate space within the
coordination shell for direct bonding to the mineral surface.31 Because water in the bulk phase is
less ordered than water molecules coordinated to metal ions, entropy would be gained if coordinating water molecules were lost from the hydration shell during adsorption. Additionally, as the
temperature increases, the degree of disorder of bulk water increases, and thus a greater entropy
contribution is possible. This phenomenon would be manifested by increased sorption with increasing temperature, as observed in this work (Fig. 4.4). Therefore, for the adsorption of Eu(III) onto
hematite, we expect that the primary increase in entropy is due to the loss of coordinating H2 O
molecules from the Eu(III) hydration shell upon complexation with the hematite surface.
Several researchers have used TRLFS analyses to study Eu(III) adsorption onto kaolinite47,86,99 and smectites.47,54 Both Stumpf et al.99 and Ishida et al.86 reported a decrease in the
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number of water molecules coordinating Eu(III) inner-sphere surface complexes as compared to
Eu(III) aqueous species. Similar to our work, Tertre et al. studied the adsorption of Eu(III) onto
Na-montmorillonite and kaolinite at variable temperatures using TRLFS.47 As mentioned above,
these authors also observed an increase in Eu(III) adsorption at higher temperatures. While Tertre
et al. did not specifically determine the number of water molecules coordinating Eu(III) surface
complexes, they do suggest that dehydration would occur upon adsorption. Furthermore, their
measurement of the fluorescence lifetime of adsorbed Eu(III) species of ∼ 200 µs suggests a coordination number of ∼ 5 according to Bauer et al.,54 which would represent the loss of ∼ 4 to 5
coordinating waters in their experimental systems compared with aqueous Eu(III). Additionally,
Tertre et al.47 report a ∆r H of 95 − 150 kJ mol−1 for Eu(III) adsorption onto ≡ AlOH, which is
close to value of 131 kJ mol−1 for Eu(III) adsorption onto hematite reported in the current work.
Although Tertre et al.47 studied Eu(III) adsorption to two different clays, their data not only supports our hypothesis that Eu(III) adsorption proceeds via a loss of coordinating water molecules,
but also suggests that the Eu(III) adsorption mechanism may be similar for hematite, kaolinite, and
Na-montmorillonite.
There is also evidence in the literature which suggests that the number of coordinating water
molecules in the first hydration sphere of Eu(III) does not change over our studied temperature range
(15 to 50 ). For example, Tian et al. studied the aqueous coordination environment of Cm(III)
in variable concentrations of perchloric acid (i.e., a non-complexing medium) from 10 to 85 , and
determined that the Cm(III) CN did not deviate from 9 over the experimental temperature range.100
Additionally, Kimura et al. studied the luminescence properties of Eu(III) over a wide temperature
range and determined that the observed decay constant did not change over temperature ranges
similar to those studied in this work, suggesting that the number of water molecules coordinated
to Eu(III) is stable from 15 to 50 .101 These studies support that the calculated positive entropy
change was due to the adsorption reaction and not due to changes in the aqueous Eu(III) hydration
sphere with increasing temperature.
The combination of surface complexation modeling, EXAFS spectroscopy, and computational modeling presented here suggest that Eu(III) adsorption onto hematite results in the formation of a bidentate mononuclear surface complex with the loss of five coordinating H2 O molecules
from the Eu(III) hydration sphere. Therefore, we propose that the reaction for Eu(III) adsorption
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onto hematite is

+
+
*
2 ≡ FeOH + Eu(H2 O)3+
8 ) (≡ FeO)2 Eu(H2 O)3 + 2H + 5H2 O

(4.12)

With the surface complexation reaction written in this manner, it becomes evident that we
◦

can approximate the entropic contribution from water. Using the standard molar entropy (S m ) of
liquid water (69.91 J K−1 mol−1 ), the entropy term associated with the release of five H2 O molecules
from the Eu(III) coordination shell is approximately 350 J K−1 mol−1 . This value is close to both
∆r S and ∆r S3 calculated above, and although we cannot account for the specific entropy terms
associated with the other reaction components (e.g., hematite surface, hydrated Eu(III) ion, or the
Eu(III) surface complex), it is likely that the primary contribution to the reaction entropy is due
to this loss of water from the Eu(III) hydration sphere. However, as evident from the discrepancy
in calculated reaction entropies described above, we highlight that the enthalpy and entropy values
presented in this work are dependent on the surface complexation model used and that the reaction
given in Eq. 4.12 is constrained by the diffuse layer model. More advanced modeling approaches
such as the CD-MUSIC model may provide surface specific reactions and is the subject of ongoing
work.

4.4

Conclusions

Changes in the hydration sphere of metal ions, such as proposed here, may have large effects on
the environmental fate and transport of metals. For example, sorption reactions are not always
completely reversible, and future studies may demonstrate that the desorption and the subsequent
rehydration of metal ions may be kinetically or thermodynamically limited due to the high activation energy required to rehydrate the sorbed metal ions. Our results present a unique step toward
understanding the thermodynamics and reaction mechanisms of Eu(III) and, by analogy, trivalent
actinide adsorption at the solid-water interface by incorporating macroscopic, spectroscopic, and
theoretical findings. However, it is still evident that additional studies are needed to fully understand these adsorption mechanisms, particularly studies that utilize complementary techniques (e.g.,
microcalorimetry) to measure the enthalpy and entropy of surface complexation reactions.
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Chapter 5

Calorimetric Determination of the
Enthalpy of Eu(III) Sorption onto
Hematite∗
Abstract
Modeling or predicting actinide sorption processes in the environment requires both a fundamental
understanding of actinide sorption mechanisms, and the availability of thermodynamic constants
which are valid over a wide range of conditions. Reaction enthalpies are not only important for
modeling actinide sorption at temperatures other than 25  but also provide information regarding
the fundamental sorption mechanism. However, few researchers have quantified this thermodynamic
parameter. In this work, we demonstrate the combined use of isothermal titration calorimetry and
surface complexation modeling to quantify the enthalpy of Eu(III) (a trivalent actinide analog)
sorption onto hematite. The cumulative measured heat from four titrations, in which 0.01 M NaOH
was injected into a hematite suspension containing Eu(III), was combined to quantify the sorption
enthalpy. The calculated enthalpy for Eu(III) sorption onto hematite (I = 0.01 M NaCl) was
∗ This chapter has been prepared for submission to Environmental Science & Technology Letters with authors
Shanna L. Estes and Brian A. Powell. Each author contributed the following: (1) Shanna L. Estes performed all
calorimetric experiments and associated data analyses, and wrote the complete manuscript; (2) Brian A. Powell
secured research funding, assisted with all data analyses, and reviewed the manuscript.
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127.81 ± 2.84 kJ mol−1 , which agrees well with our previously reported value of 131 kJ mol−1
determined using the van’t Hoff expression.

5.1

Introduction

Sorption onto soils, sediment, and rock surfaces is a primary control of radionuclide migration in the
environment. For this reason, a fundamental understanding of actinide sorption mechanisms over a
wide range of environmentally relevant conditions must be developed. Although many researchers
have made significant progress toward this goal (reviewed by Geckeis et al.30 ), most have studied
radionuclide sorption at only ambient laboratory temperatures (∼ 20 − 25 ). Consequently, the
thermodynamic parameters needed to model actinide sorption processes at the various temperatures
expected in natural systems, or the elevated temperatures (∼ 80 ) expected in future geologic
nuclear waste repositories,43 are not available in the literature.
Recently, we demonstrated that sorption of Eu(III) (a trivalent lanthanide element and
trivalent actinide analog) onto hematite (α−Fe2 O3 ) increases with increasing temperature (i.e., the
reaction was endothermic).102 Such endothermic sorption behavior has also been observed for several
transition metals,45,46 actinides,3,42 and for other lanthanide/mineral systems,47,54,92,93 and suggests
that in the near-field of geologic nuclear waste repositories, sorption processes may be more favorable
than previously expected. Additionally, although sorption behavior is generally endothermic, the
overall sorption free energy tends to increase with increasing temperature, suggesting that sorption is
driven by a favorable entropy change, which we previously hypothesized was due to the displacement
of hydrating water molecules from the cation and mineral surface upon sorption.102
In many studies,3,45,46,92 including our study of the Eu(III)-hematite system,102 the slopes
of van’t Hoff plots (log K vs. T −1 ) were used to determine sorption enthalpies. Although these van’t
Hoff enthalpies provide the means to predict cationic radionuclide sorption at temperatures not previously studied, van’t Hoff enthalpies are inherently indirect and can have large uncertainties.103
Isothermal titration calorimetry (ITC) measures the evolution of heat during a chemical reaction,
allowing one to directly quantify reaction enthalpies (∆r H),50,104 and has been used to study uranium105 and neptunium23 hydrolysis. It has been demonstrated that, when combined with batch
sorption studies, ITC can be effectively used to study cation sorption thermodynamics.51,106–108
Therefore, the objective of this study was to quantify the enthalpy of Eu(III) sorption onto hematite
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using ITC and the surface complexation model (SCM)102 we developed previously.

5.2

Materials and Methods

5.2.1

Reagents

Hematite (α−Fe2 O3 ) was synthesized and characterized by Estes et al.102 Standardized HCl (0.01,
0.1 N, Metrohm), HNO3 (67–70%, BDH Aristar Plus), and NaCl (99%, BDH) were used as received.
Standardized NaOH (0.01, Metrohm) was opened and stored in an anoxic glove box (∼ 1% H2 , 99%
N2 , Coy) during use to limit CO2 dissolution. Eu(III) working solutions (∼ 1 mM in 0.01 M NaCl)
were prepared from EuCl3 · xH2 O (98%, Alfa Aesar) – actual concentrations were measured using
inductively-coupled plasma mass spectrometry (Thermo X Series 2). All solutions and suspensions
were prepared in de-gassed (boiled and cooled under N2 purge) ultrapure H2 O (> 18 MΩ cm, ELGA
Purelab).

5.2.2

Isothermal Titration Calorimetry

Calorimetric titrations were performed at 25  with an isothermal microcalorimeter (TA Instruments TAM III). This calorimeter measures the difference in heat flow (i.e., power) between sample
and reference ampoules (1 mL stainless steel) as a function of time. For all titrations, the reference
ampoule contained a hematite suspension identical to that in the sample ampoule, and the titrant
was delivered to the sample ampoule through a stainless steel needle from a 250 µL glass syringe.
The calorimeter setup did not permit active purging of the ampoule headspace with an inert gas,
so some CO2 dissolution during the titrations cannot be excluded. Additionally, pH measurement
during the titrations was not possible. Therefore, only initial and final suspension pH values were
measured (Ross semi-micro, Thermo) and are reported as the average ± 1σ.
To minimize the number of adjustable parameters during the non-linear regression analysis
(see below), the enthalpies for protonation (∆r H2 ) and de-protonation (∆r H3 ) of the hematite
surface were determined separately from the enthalpy of Eu(III) sorption onto hematite. To quantify
∆r H2 and ∆r H3 , a total of nine titrations were performed. For each titration, 800 µL of a 7.77
or 7.91 g L−1 hematite suspension in 0.01 M NaCl (pH 6.65 ± 0.18) was titrated with ∼ 200 µL
(9.98 µL increments) of either 0.01 N HCl (acid titration) or 0.01 N NaOH (base titration). Average
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pH values at the end of the acid and base titrations were 2.79 ± 0.05 and 10.83 ± 0.15, respectively.
Measured initial and final pH values for individual titrations are given in Table B.1. Similarly, several
titrations were completed to determine the enthalpy of Eu(III) sorption onto hematite (∆r H4 ). In
each of these titrations, 810 µL of a 6.71 g L−1 hematite suspension in 0.01 M NaCl and containing
1.56 × 10−4 M EuCl3 at pH 3.09 ± 0.09 (adjusted with 0.1 N HCl) was titrated with ∼ 150 µL
(4.97 µL increments) of 0.01 N NaOH. Titrant injection intervals were set at either 25 or 45 min.,
which allowed sufficient time for heat flow to return to baseline conditions between each injection
(i.e., sorption and other reactions reached apparent equilibrium). Throughout all titrations, ionic
strength (0.01 M NaCl) and mixing (150 rpm with gold impeller) were constant. Thermogram peaks
were automatically integrated using TAM Assistant software (TA Instruments) to give the measured
heat (Q) for each titrant injection. The heat due to dilution and mixing (Qdil. ) was determined from
separate experiments in which a hematite suspension was titrated with 0.01 M NaCl. The net heat
(Qnet ) for each injection was calculated as the difference between Q and Qdil. . In most cases, Qdil.
was negligible.

5.2.3

Enthalpy Quantification

The enthalpies for hematite protonation and de-protonation and for Eu(III) sorption onto hematite
were calculated using the equation

QT,calc. =

j
X

∆ni · ∆r Hi

(5.1)

i=1

where QT is the cumulative heat evolved after each injection from all chemical reactions i to j, ∆ni
is the cumulative moles of product formed from reaction i, and ∆r Hi is the enthalpy of reaction
i. The moles of each reaction product formed were calculated by modeling the titration conditions
using a modified version of FITEQL64 and our previously developed diffuse layer SCM.102 Details
of the SCM are given in Table 5.1. Enthalpy values for each reaction were either obtained from
the literature or calculated by fitting the measured cumulative heat (QT,meas. ) with a multiple
independent-variable non-linear regression (user defined from Eq. 5.1) using the graphical analysis
software package Origin (OriginLab, Northhampton, MA). A block diagram (Fig. B.1) is given in
Appendix B to illustrate the steps needed to calculate sorption enthalpies from ITC data.
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5.3

Results and Discussion

5.3.1

Quantification of Hematite Protonation and De-protonation Enthalpies

Five acid and four base titrations were used to quantify the enthalpies of hematite protonation
(∆r H2 ) and de-protonation (∆r H3 ). Changes in surface speciation during the titrations were simulated with FITEQL using the parameters and reactions given in Table 5.1. Because it is not
possible to separate the hematite surface reactions by experiment, we simultaneously determined
−
∆r H2 and ∆r H3 for each titration by fitting QT,meas. as a function of moles of ≡ FeOH+
2 , ≡ FeO ,

and OH− formed or consumed. The resulting fits and enthalpies for individual titrations are shown
in Appendix B (Figs. B.2, B.3; Table B.1).
Table 5.1: Hematite characteristics, surface complexation model reactions and constants, and reaction enthalpies from the literature or calculated in this work.
i

parameter

value

calculated

reaction

log K

∆r Hi a,b

pzc

7.36
2

BET surface area (m g

−1

site density (sites nm−2 )
◦
Kw

2

K+

H2 O *
) H+ + OH−
* ≡ FeOH+
≡ FeOH + H+ )
2

3

K−

4

KSC

a
b
c
d
e
f
g
h

∆r Hi b

c

30.7c

)

1

referenced

4.28c
−13.99d

55.8e

6.19f

3.1 ± 7.2

−32.2c, −41.4g

≡ FeOH *
) ≡ FeO− + H+

−8.11f

38.6 ± 8.7

32.2c, 48.5g

2 ≡ FeOH + Eu3+
*
) (≡ FeO)2 Eu+ + 2H+

−1.08h

127.81 ± 2.84

131 ± 8c

Calculated enthalpies are reported ± 1σ.
kJ mol−1
Estes et al.102
I = 0 M, T = 25 ; calculated according to Bandura and Lvov.85
From Martell et al.109
Calculated by Estes et al.102 using a single-site diffuse layer model (DLM); I = 0.01 M NaCl,
T = 25 , referenced to the 1.0 M standard state.
Sverjensky and Sahai71
Calculated from values given by Estes et al.102 for a single-site DLM and the equation from Wang
and Giammar68 : log KSC = log K3 − log(N † As Cs ), where log K3 is −3.91, N † is the molar site
density (7.11 × 10−6 mol m−2 ), As is the specific surface area (30.7 m2 g−1 , and Cs is the solid
phase concentration used in this work (6.71 g L−1 ); I = 0.01 M NaCl, T = 25 , referenced to the
1.0 M standard state.
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Calculated average enthalpies for protonation (∆r H2 ) and de-protonation (∆r H3 ) of the
hematite surface are given in Table 5.1. Hematite deprotonation, ∆r H3 , agrees well with the theoretical value (48.5 kJ mol−1 ) proposed by Sverjensky and Sahai71 and with our previously estimated
value (32.2 kJ mol−1 ).102 However, ∆r H2 is significantly different from values reported in the literature (Table 5.1). Additionally, ∆r H2 calculated here is slightly endothermic, whereas in all other
reports, the protonation enthalpy, for hematite and other metal oxides, is exothermic.61,71,79,102,107
Several explanations for this disagreement were considered : (1) CO2 dissolution during the titrations; (2) inability of the SCM to accurately predict the hematite chemistry during the titrations; or
(3) formation of unidentified chemical species during the titrations. Incorporating CO2 dissolution
and the subsequent formation of aqueous carbonate species in the SCM significantly worsened our
fit results, suggesting that CO2 dissolution during the titrations did not significantly affect QT,meas. .
Furthermore, predicted final hematite suspension pH values agreed within ± 3% of all measured values, suggesting that CO2 dissolution was insignificant (see Table B.1). The formation of unidentified
chemical species, perhaps due to impurities present on the hematite surface, is also a possible explanation for the disagreement between calculated and reported protonation enthalpies. However, this
too seems unlikely because the SCM was developed from accurately predicted potentiometric titrations of the same hematite at 25 .102 For the purposes of the current work, the calculated values
of ∆r H2 and ∆r H3 adequately described the calorimetric acid and base titrations and will therefore
be used for quantification of the Eu(III) sorption enthalpy. However, it is clear that additional
investigation is needed to verify the hematite protonation and de-protonation enthalpies.

5.3.2

Quantification of Eu(III) Sorption Enthalpy

Four calorimetric base titrations were completed to quantify the enthalpy of Eu(III) sorption onto
hematite. To achieve measurable sorption heat during the titrations, high concentrations of Eu(III)
(∼ 10−4 M) were necessary. Despite these elevated Eu(III) concentrations, equilibrium modeling
with Visual MINTEQ indicated that Eu(OH)3 remained undersaturated over the course of each
titration. Including CO2 dissolution and the formation of aqueous carbonate species (including
EuCO+
3 ) worsened our fit results, again suggesting that CO2 dissolution during the titrations was
negligible. Furthermore, formation of EuOH+
2 during the titrations was also negligible and was
therefore excluded. The final SCM included only the four reactions shown in Table 5.1.
A typical titration thermogram and the corresponding simulated changes in surface speci51

ation are shown in Fig. 5.1. Results from the SCM indicated that both pH and concentration of
adsorbed Eu(III) increased as the titrations progressed, with the greatest amount of Eu(III) sorption
occurring during the second half of each titration (Fig. 5.1). The final average measured pH at the
end of each titration (8.2 ± 1.1) differed from the final predicted pH (9.4), and was more variable
than for the hematite acid and base titrations. However, this discrepancy was likely due to small
variations in the initial pH (3.09 ± 0.09) of each suspension.

Figure 5.1: Change in pH (right y-axis) and hematite surface species (left y-axis) as a function of
titration progress (A), and typical titration thermogram for Eu(III) sorption onto hematite (B).
Titration prarameters: [Eu(III)]0 = 1.56 × 10−4 M, [α−Fe2 O3 ] = 6.71 g L−1 , I = 0.01 M NaCl,
T = 25 , titrant = 0.01 M NaOH, injection volume = 4.97 µL.
The enthalpy of Eu(III) sorption onto hematite (∆r H4 ) was calculated by simultaneously
−
fitting QT,meas. for each titration as a function of moles of (≡ FeO)2 Eu+ , ≡ FeOH+
2 , ≡ FeO , and

OH− formed. The resulting fit and the measured cumulative heat for each titration are shown in
Fig. 5.2 as a function of (≡ FeO)2 Eu+ , and the calculated ∆r H4 is given in Table 5.1. Although the
cumulative heat evolved during the Eu(III) titrations was reproducible (Fig. 5.2), the cumulative heat
evolved during titration 3 appeared artificially low. Therefore, we also calculated the Eu(III) sorption
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enthalpy for each titration individually (Table B.2). However, the sorption enthalpy calculated from
titration 3 was not statistically different (95% confidence level via Q-test110,111 ) than the sorption
enthalpies calculated from the other three titrations (see Fig. B.4, Table B.2), and, therefore, could
not be excluded from our calculations. There was no statistical difference in ∆r H4 calculated from
the two fitting methods.
Previously, we used a van’t Hoff analysis to approximate the enthalpy of Eu(III) sorption
onto hematite.102 Although the enthalpy value from that work was derived from batch sorption experiments at much lower Eu(III) and hematite concentrations, the ∆r H4 calculated here is in excellent
agreement with the value we previously reported (Table 1), suggesting that the SCM adequately
describes Eu(III) sorption onto hematite even at these much higher concentrations. Additionally,
the Eu(III) coordination environment at the hematite surface (inner-sphere bidentate mononuclear)
determined from extended x-ray absorption fine structure (EXAFS) spectroscopy agreed with surface complexation modeling results,102 further supporting that this SCM can be used for a wide
range of Eu(III) and hematite concentrations.
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Figure 5.2: Cumulative enthalpy plot as a function of (≡ FeO)2 Eu+ formation. Titration parameters:
[Eu(III)]0 = 1.56 × 10−4 M, [α−Fe2 O3 ] = 6.71 g L−1 , I = 0.01 M NaCl, T = 25 , titrant = 0.01 M
NaOH, injection volume = 4.97 µL. Open symbols are the measured cumulative heat for each
titration 1 – 4; the solid line is the cumulative heat simultaneously calculated from all titration data
(adjusted R2 = 0.987); the dashed lines are the 95% upper and lower confidence limits.
Although we ultimately used a calorimetric base titration to quantify the enthalpy of Eu(III)
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sorption onto hematite, we initially attempted to directly measure the Eu(III) sorption heat by
titrating hematite (at pH ∼ 6) with a Eu(III) solution (Fig. B.5). However, very little heat evolved
during these titrations, making the signal to noise ratio in the thermograms too poor for confident
peak integration and enthalpy quantification. We hypothesized that this minimal heat evolution
was due to competition between the endothermic Eu(III) sorption reaction and exothermic acid
neutralization due to changes in suspension pH as Eu(III) sorption increased. Similar to the work
by Morel et al.108 for Eu(III) sorption onto alumina (γ−Al2 O3 ), increasing the Eu(III) concentration in the titrant may have improved the signal to noise ratio, but it would have also eliminated
our ability to maintain an ionic strength of 0.01 M NaCl throughout the titration. Therefore, we
used the alternative base titration method described above. However, because these Eu(III) titrations were quite interesting, displaying both exothermic and endothermic peaks in the thermograms
(Fig. B.5), we further analyzed the data. Analysis details are given in Appendix B. Although we
have less confidence in this value, the Eu(III) sorption enthalpy calculated from this titration was
127.5 ± 1.5 kJ mol−1 (Fig. B.6), which is in excellent agreement with both the enthalpy calculated
above and the van’t Hoff enthalpy102 we reported previously.
We have used isothermal titration calorimetry to quantify the enthalpy of Eu(III) sorption
onto hematite. Our results clearly indicate that the reaction is endothermic, which agrees well with
several other studies,47,108 and which indicates that Eu(III) sorption onto hematite occurs via an
inner-sphere mechanism in which some dehydration of the Eu(III) ion occurs.31 The ITC methods
applied in this work provide a direct measure of sorption enthalpy through a self-consistent surface
complexation model. Such data can populate databases for understanding radionuclide geochemical
speciation and facilitate an understanding of the pertinent sorption mechanisms. Therefore, we
envision these calorimetric techniques as a powerful tool for quantifying reactions at solid-water
interfaces.
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Chapter 6

The Thermodynamics of U(VI)
Sorption onto Hematite∗
Abstract
In this work, we have examined the thermodynamics of U(VI) sorption onto hematite (α−Fe2 O3 )
using a combination of macroscopic techniques. Batch sorption experiments (0.51 g L−1 α−Fe2 O3 ,
I = 0.01 M NaCl) were conducted at two total U(VI) concentrations (∼ 2×10−8 and ∼ 4 ×10−8 M)
over the pH range 3 to 6.5 at 15, 25, 35, 50, and 80 . Isothermal calorimetric titrations were also
performed to directly measure U(VI) sorption enthalpy. Application of the diffuse layer model
(DLM) to the batch sorption data suggested a temperature dependent change in uranyl surface spe−
2+
ciation from (≡ FeOH)2 UO2+
2 and (≡ FeO)2 UO2 OH at 15 and 25 , to (≡ FeOH)2 UO2 at 35 and

50 , to (≡ FeO)2 UO2 at 80 . Results from the batch sorption experiments and isothermal titration calorimetry suggest that U(VI) sorption onto hematite is an endothermic, entropically driven
reaction, with reaction enthalpies ranging from ∼ 36 to 100 kJ mol−1 . The thermodynamic parameters indicate that U(VI) sorption onto hematite occurs via an inner-sphere mechanism, which agrees
with extended X-ray absorption fine structure (EXAFS) data from the literature that suggest that
two water molecules are lost from the U(VI) hydration sphere during formation of bidenate uranyl
∗ This chapter has been prepared for submission to Geochimica et Cosmochimica Acta with authors Shanna L.
Estes and Brian A. Powell. Each author contributed the following: (1) Shanna L. Estes performed all batch sorption
and calorimetric experiments, performed all associated data analyses, and wrote the complete manuscript; (2) Brian
A. Powell secured research funding, assisted with all data analyses, and reviewed the manuscript.
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surface complexes. However, enthalpies and entropies for the formation of both (≡ FeOH)2 UO2+
2 and
(≡ FeO)2 UO2 OH− are less than the enthalpy and entropy for the formation of a Eu(III)-hematite
surface complex reported in the literature, which may indicate a weaker interaction between U(VI)
and the hematite surface, compared with Eu(III).

6.1

Introduction

Uranium is a common soil, sediment, and groundwater contaminant at legacy U.S. nuclear defense
sites.4 Present predominantly as the highly mobile uranyl oxycation (U(VI)O2+
2 ) in these oxic or
suboxic subsurface environments, uranium poses a significant health risk to future populations if offsite migration occurs. Therefore, it is necessary to understand the mechanisms controlling uranium
transport, particularly sorption to solid surfaces, which is expected to play a primary role in the
immobilization of actinides within the environment.
Many researchers have studied U(VI) sorption onto several iron oxy(hydr)oxides using both
macroscopic batch techniquese.g.,83,89,112–115 and spectroscopy.e.g.,55,116,117 Results from these studies and others generally indicate that: (1) U(VI) sorption is favored at circumneutral pH; (2) the
formation of uranyl-carbonate and alkaline earth-uranyl-carbonate complexes decreases sorption;
and (3) inner-sphere bidentate surface species dominate, but ternary uranyl-carbonate or multimeric uranyl surface species may form at higher pH or carbonate concentrations, or higher uranyl
concentrations, respectively. Cumulatively, there is a fairly robust understanding of U(VI) sorption onto iron oxy(hydr)oxides, even though there is still some debate over the relative importance of ternary uranyl-carbonate surface complexes under mildly acidic conditions,55,117–119 and on
whether U(VI) forms mononuclear (i.e., edge-sharing) or binuclear (i.e., corner-sharing) surface complexes.32,55,83,89,119 However, there is relatively little information regarding the sorption processes of
U(VI) or other actinides at temperatures above or below 25 , despite the variable temperatures
expected in natural systems, and the elevated temperatures (due to radioactive decay) expected in
future subsurface nuclear waste repositories.43
From the studies available, there is evidence which suggests that actinide sorption is an
endothermic process. For example, Lu et al. observed an approximately 40% increase in Pu(V)
sorption onto montmorillonite as temperature was increased from 20 to 80 .42 Similarly, AlmazanTorres et al. also observed increased U(VI) sorption onto zirconium oxo-phosphate at elevated
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temperatures.3 These data suggest that actinide sorption processes may be enhanced at the temperatures expected under repository conditions. Therefore, to improve our ability to predict actinide
transport in both natural and engineered systems, it is important to investigate the sorption of
U(VI) and other actinides over a range of temperatures. Furthermore, studying actinide sorption
thermodynamics can also lead to a deeper understanding of the mechanisms that govern these reactions. For example, we recently linked the sorption of Eu(III) onto hematite, an endothermic,
entropically favorable reaction, to a loss of approximately five coordinating water molecules from
the Eu(III) primary hydration sphere.102 This finding indicated that Eu(III) sorption proceeded via
an inner-sphere mechanism,13,31 which may result in kinetically hindered desorption because of the
expected large activation energy associated with Eu(III) rehydration.102
The objectives of this work were therefore to examine the influence of temperature on
U(VI) sorption onto hematite and to correlate the observed thermodynamic properties to sorption
mechanisms and changes in the U(VI) hydration sphere. To do this, we have combined multitemperature batch sorption experiments, surface complexation modeling, and isothermal titration
calorimetry. The results clearly indicate that U(VI) sorption onto hematite is an endothermic,
entropically driven reaction. However, comparisons with the literature and our previous work suggest
that fewer water molecules are lost from the U(VI) hydration sphere upon sorption compared with
Eu(III). The implications these findings may have on U(VI) migration in the environment are briefly
discussed.

6.2
6.2.1

Materials and Methods
Reagents

Hematite (α−Fe2 O3 ) was synthesized and characterized by Estes et al.102 HNO3 (67–70%, BDH
Aristar Plus), NaCl (99%, BDH), and standardized HCl (0.01, 0.1 N, Metrohm) and NaOH (0.01,
0.1 N, Metrohm) were used as received. Calibration standards (in 2% HNO3 ) and working solution
#1 (WS1, 6.30 × 10−5 M U(VI) in 0.01 N HCl) were prepared by diluting a U plasma standard
(1,000 µg L−1 in 2% HNO3 , High Purity Standards). Working solution #2 (WS2, 2.1 × 10−3 M
U(VI) in 0.01 M NaCl) was prepared from UO2 (NO3 )2 · 6H2 O (99.9–100%, EMS). Solutions and
suspensions for the batch sorption work were prepared in ultrapure H2 O (resistivity > 18 MΩcm,
< 5 ppb organic carbon, Millipore SuperQ or ELGA Purelab). For the calorimetry experiments, all
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suspensions and solutions were prepared in de-gassed (boiled and cooled under N2 purge) ultrapure
H2 O. Additionally, the standardized NaOH (0.01 N, Metrohm) used for the calorimetry experiments
was opened and stored in an anoxic glove box ( 1% H2 , 99% N2 , Coy) to limit CO2 dissolution.

6.2.2

Multi-Temperature Batch Sorption

Batch sorption experiments were conducted in 125 mL screw top polycarbonate (PC) Erlenmeyer
flasks. Before use, each flask was washed once with 2% HNO3 , rinsed three times with ultrapure
H2 O, and dried in an oven at 105 . Hematite was added to each flask as the dry solid, and
then suspended in 0.01 M NaCl. These initial suspensions were mixed at room temperature for
approximately 48 hours to adequately hydrate the hematite. After this step, an aliquot of WS1 was
added to each flask, and the pH of each suspension was immediately adjusted using HCl or NaOH.
The final suspensions contained 0.51 g L−1 hematite, (2.16 ± 0.06) ×10−8 M U(VI) (system A) or
(4.35 ± 0.06) ×10−8 M U(VI) (system B), and 0.01 M NaCl in a total volume of ∼ 60 mL. Reported
uncertainties in the uranium concentrations are the standard deviation of the exact concentrations
of all samples. The suspension pH ranged from 3 to 6.5, and all reaction systems were prepared in
duplicate.
Immediately following the above preparation, all flasks were placed in a temperature controlled orbital shaker (VWR) at 15 . After 3 days of mixing, the pH of each suspension was
measured using a combination pH electrode with automatic temperature compensation (Thermo
9157BNMD), and the suspensions were sampled by removing a 1.5 mL homogenous aliquot from
each. Sample aliquots were centrifuged at 22,065g for 30 min to sediment particles larger than
∼ 60 nm based on Stokes Law (Beckman and Coulter Allegra 22R centrifuge with a F2402 rotor).
After centrifugation, 1 mL of supernatant was diluted with 9 mL of 2% HNO3 and analyzed for
total U by inductively-coupled plasma mass spectrometry (ICP-MS, Thermo X Series 2) with 242 Pu
as an internal standard. After 2 to 4 additional days of mixing, the suspensions were sampled a
second time, and equilibrium was assumed if there were no significant differences between measured
U concentrations for the two sampling events. If equilibrium was not achieved, the suspensions
were mixed for an additional 2 to 4 days, and then sampled again. Once equilibrium was achieved
(within three sampling events for all temperatures), the reaction temperature was increased, and
this procedure was repeated to give U(VI) sorption data at 15, 25, 35, 50, and 80 . The flasks
were moved into a reciprocal shaking water bath (VWR) to measure U(VI) sorption at 80 .
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6.2.3

Isothermal Titration Calorimetry

All calorimetric titrations were performed in 1 mL stainless steel ampoules at 25  with an isothermal microcalorimeter (TA Instruments TAM III), which measures the heat flow (i.e., power) difference between reference and sample ampoules. The contents of the reference ampoule were always
identical to the contents initially present in the sample ampoule. Although solutions and suspensions used for the calorimetric titrations were CO2 free, some CO2 dissolution during the titrations
cannot be excluded because the ampoule headspace could not be actively purged with an inert gas.
Additionally, it was not possible to monitor changes in suspension pH during the titrations. As such,
the suspension pH was only measured before and after the titrations, and pH values are reported as
the average for all titrations ± 1σ.
For each titration, the titrant was delivered into the sample ampoule from a 250 µL glass
syringe via a stainless steel needle. A total of three titrations were completed in which a hematite
suspension (810 µL, 5.14 g L−1 ) at pH 3 (adjusted with 0.1 N HCl) in 0.01 M NaCl and containing
2.59 × 10−4 M UO2 (NO3 )2 (from WS2) was titrated with ∼ 150 µL of 0.01 N NaOH in 4.97 µL
increments. The titrant was injected every 25 min., and both ionic strength (0.01 M NaCl) and
mixing (150 rpm with gold impeller) remained constant throughout each titration. Peaks in each
thermogram were automatically integrated by the TAM Assistant software (TA Instruments) to give
the measured heat (Q) for each injection. The dilution and mixing heat for each injection (Qdil. )
was determined from a separate experiment by titrating a hematite suspension with 0.01 M NaCl.
For each injection, the net heat (Qnet ) was calculated from the difference:

Qnet = Q − Qdil.

(6.1)

, and the cummulative measured heat (QT,meas. ) was calculated from:

QT,meas. = Qnet,x + Qnet,x−1 + Qnet,x−2 + . . . Qnet,x−∞
where x is the titrant injection number.
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(6.2)

6.2.4

Surface Complexation Modeling

The surface complexation model (SCM) was developed from batch sorption data collected at each
temperature using a modified version of FITEQL 4.0.64 A description of the FITEQL modifications are given by Estes et al.102 The SCM was developed using the single-site diffuse layer model
(DLM),67 which was chosen both for comparison with previous work, and because it has few adjustable parameters. U(VI) sorption data from both batch systems A and B were combined and fit
simultaneously to develop a SCM which described sorption at multiple U(VI) concentrations. All
experimental data was assigned a 5% relative error, and the ratio of the weighted sum of squares
to the degrees of freedom (WSOS/DF) was used to indicate fit quality. The Davies model was
used for all activity corrections, and the Davies A parameter was adjusted for temperature according to Langmuir.9 The equilibrium constants developed using FITEQL are referenced to the 1.0 M
standard state and are reported ± 1σ. However, we also report calculated equilibrium constants
referenced to both the mole fraction68 and site-occupancy69 standard states. All bidentate reactions
are represented with the notation (≡ FeOH)2 or (≡ FeO)2 . However, this does not indicate bidentate
binuclear surface coordination – such surface site specificity is not possible with the DLM. Instead
this notation simply indicates that two surface sites are needed to describe the surface reaction mass
balance.

6.2.5

Thermodynamic Parameter Quantification

The enthalpy of U(VI) sorption onto hematite was quantified: (1) from the van’t Hoff relationship,
as described in Section 6.3.1.3; and (2) from the calorimetric titration data, using the equation

QT,calc. =

j
X

∆ni · ∆r Hi

(6.3)

i=1

where QT,calc. is the calculated cumulative heat evolved after each injection from all chemical reactions i to j, ∆ni is the cumulative moles of product formed from reaction i, and ∆r Hi is the enthalpy
of reaction i. Using the SCM developed from the batch experiments in this work, the moles of each
reaction product formed after each titrant injection were calculated by modeling the calorimetric
titration conditions in FITEQL. U(VI) sorption enthalpies were then calculated by fitting the measured cumulative heat (QT,meas. ) with a multiple-independent variable non-linear regression (user
defined from Eq. 6.3) using the graphical analysis software package Origin (OriginLab, Northhamp60

ton, MA). The van’t Hoff and calorimetric enthalpies are reported ± 1σ. For analytical consistency,
the enthalpies of hematite protonation (∆r H2 ) and de-protonation (∆r H3 ) used in Eq. 6.3 were
also determined from calorimetric titrations, and are +3.06 and +38.59 kJ mol−1 , respectively (see
Ch. 5). As discussed in Ch. 5, these enthalpies adequately reproduced the measured cumulative heat
from hematite acid and base titrations and are therefore appropriate for use in Eq. 6.3. However,
the enthalpies above are different than values determined from alternative techniques,61,69,102 and
therefore were not used to calculate log K+ and log K− at each temperature (Table 6.1).

6.3

Results

6.3.1

Multi-Temperature Batch Sorption

6.3.1.1

Effect of Temperature

Typical for the sorption of cationic metals onto metal oxide surfaces,31 U(VI) sorption increased
from 0 to 100% over a narrow pH range (∼ 1.5 pH units), regardless of initial U(VI) concentration
(Fig. 6.1). As temperature increased from 15 to 80 , a noticeable shift in the U(VI) sorption edge to
lower pH occurred (Fig. 6.1). Re-plotting the batch sorption data as a function of “pH – 1/2pKw ,”
which effectively eliminated temperature dependence in the x-axis, also demonstrated a clear, albeit
smaller, shift in the U(VI) sorption edge (Fig. C.1). This result indicates that U(VI) sorption
onto hematite increased with increasing temperature (i.e., the reaction is endothermic), which is
consistent with previous reports of endothermic sorption behavior for several transition metals,45,46
lanthanides,47,54,92,93,102 and actinides.3,42

6.3.1.2

Surface Complexation Model Development

Based on the expected aqueous U(VI) speciation in the batch experiments (Fig. 6.2), we included
formation of both the first and second U(VI) hydrolysis products in the SCM. The formation of
UO2 Cl+ was also included in the SCM, but was generally negligible over the experimental pH range.
Although the batch systems were open to the atmosphere and aqueous uranyl-carbonate complexes
are expected above pH 5.5,e.g.,89 including aqueous or surface uranyl-carbonate species in the SCM
did not improve our fit results, likely because our experimental conditions resulted in 100% U(VI)
sorption below pH 5.5 at all studied temperatures (Fig. 6.1). Furthermore, previous studies have
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Figure 6.1: U(VI) sorption onto hematite as a function of pH and temperature for total U(VI) concentrations (2.16 ± 0.06) ×10−8 M (A) and (4.35 ± 0.06) ×10−8 M (B). Solid lines are the corresponding
best fit surface complexation models (single-site DLM), which represent the following U(VI) surface
complexes: (≡ FeOH)2 UO2+
and (≡ FeO)2 UO2 OH− at 15 and 25 ; (≡ FeOH)2 UO2+
at 35 and
2
2
0
50 ; and (≡ FeO)2 UO2 at 80 . The WSOS/DF values, in order of increasing temperature, were
2.98, 0.91, 15.94, 5.02, and 0.04.
demonstrated that, in the presence of atmospheric CO2 , uranyl-carbonate surface complexes are
not dominant until above pH ∼ 6.89,113 Therefore, we chose to exclude carbonate speciation in the
final SCMs. Formation constants for the included aqueous U(VI) species were adjusted to each
studied temperature using reported reaction enthalpies (Table 6.2) and the van’t Hoff equation. All
hematite characteristics and surface acidity constants were previously defined by Estes et al.,102 with
the exception of the acidity constants at 80 , which we calculated using the van’t Hoff equation.
All reactions and equilibrium constants included in the final SCM are listed in Tables 6.1 – 6.3.
For each temperature, several possible U(VI) surface reactions were considered (listed in Table C.1) during SCM optimization. The reactions which yielded the best fits (i.e., lowest WSOS/DF)
are listed in Table 6.3 with the corresponding calculated equilibrium constants. For all temperatures,
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the best fits to our batch sorption data were given by one or more bidentate uranyl surface complexes (Fig. 6.1). At 15 and 25 , the U(VI) sorption data were accurately modeled with two surface
−
complexes, (≡ FeOH)2 UO2+
(Fig. 6.1). As temperature increased from 15
2 and (≡ FeO)2 UO2 OH

to 25 , the contribution of (≡ FeO)2 UO2 OH− to the overall uranyl surface speciation decreased
(Fig. 6.3), and at 35 and 50 , the sorption data were best fit using only (≡ FeOH)2 UO2+
2 . At
the highest studied temperature, 80 , the data were best fit using a fully de-protonated bidentate
surface complex, (≡ FeO)2 UO02 .

Figure 6.2: Aqueous speciation of U(VI) as a function of pH and temperature in the absence of
CO2 . Modeled using Visual MINTEQ, with equilibrium constants given by Guillaumont et al.21
The modeling conditions ([U(VI)]tot = 4.35 × 10−8 M, I = 0.01 M NaCl) were equivalent to the
batch sorption study with a higher total U(VI) concentration (system B). The enthalpy value for
the second hydrolysis product is not defined; therefore, only the 25  model is shown.

6.3.1.3

Thermodynamic Parameter Quantification: van’t Hoff Enthalpy

Quantifying reaction enthalpies using the van’t Hoff approach requires the availability of formation
constants defined for three or more temperatures. Because the SCM predicted a change in U(VI)
surface speciation as temperature increased, we were only able to use the van’t Hoff approach to
2+
quantify the enthalpy for the formation of (≡ FeOH)2 UO2+
2 . A plot of the (≡ FeOH)2 UO2 formation

constants as a function of inverse temperature (i.e., a van’t Hoff plot) is given in Appendix C
(Fig. C.2). A least-squares linear regression indicated that this data set deviated from linearity,
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Figure 6.3: Distribution of U(VI) surface complexes at 15 and 25  for batch sorption system A
([U(VI)]tot = (2.16 ± 0.06) × 10−8 M). Solid lines are the total SCM (i.e., sum of ((≡ FeOH)2 UO2+
2
and (≡ FeO)2 UO2 OH− . A similar surface complex distribution was observed at 15 and 25  in
system B ([U(VI)]tot = (4.35 ± 0.06) × 10−8 M).
is not constant over the
which suggests that the enthalpy for the formation of (≡ FeOH)2 UO2+
2
studied temperature range (i.e., ∆Cp 6= 0). Therefore, we calculated the enthalpy and heat capacity
9
for the formation of (≡ FeOH)2 UO2+
2 using the extended van’t Hoff equation :

"

∆r H7 − T ◦ ∆Cp,7
log K − log K ◦ =
·
ln 10 · R



1
1
−
T◦
T

#



∆Cp,7
T
+
· log ◦
R
T


(6.4)

◦
where log K is the (≡ FeOH)2 UO2+
2 formation constant at each temperature, log K is the formation

constant for (≡ FeOH)2 UO2+
2 at 25 , ∆r H7 is the reaction enthalpy at 25 , ∆Cp,7 is the change
in heat capacity at 25 , T is the absolute temperature, T ◦ is the absolute reference temperature
(298.15 K), and R is the universal gas constant. Using a non-linear least-squares regression with
simultaneous optimization of both thermodynamic parameters (Fig. 6.4), the calculated ∆r H7 and
∆Cp,7 are 35.5 ± 0.2 kJ mol−1 and −741 ± 14 J K−1 mol−1 . Additional thermodynamic parameters
(∆r S7 , ∆r G7 ) derived from ∆r H7 are listed in Table 6.4.
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Figure 6.4: Extended van’t Hoff plot using log K values for the surface complex (≡ FeOH)2 UO2+
2 .
formation
constant
at
25

.
The
solid
line
is
the
non-linear
fit
with
log K ◦ is the (≡ FeOH)2 UO2+
2
an adjusted R2 equal to 0.999.

6.3.2

Isothermal Titration Calorimetry

6.3.2.1

Evolution of Heat and Surface Speciation

Relatively high concentrations of U(VI) (2.59×10−4 M) were necessary to produce measureable heat
during the calorimetric titrations. However, equilibrium modeling with Visual MINTEQ indicated
that all relevant U(VI) solid phases were undersaturated throughout the titrations. A total of
three calorimetric titrations were performed, with each yielding a thermogram (typical example in
Fig. 6.5) with well resolved exothermic peaks. Aqueous and surface speciation during the titrations
were simulated using the SCM developed in Section 6.3.1.2.
As the calorimetric titrations progressed, the SCM (Table 6.3) indicated that pH and U(VI)
sorption increased (Fig. 6.5), and that the formation of U(VI) surface complexes was greatest during
the second half of the titration. The increased heat observed in the thermogram at ∼ 10 hr
(Fig. 6.5) corresponds well with the predicted transition in U(VI) surface speciation from primarily
(≡ FeOH)2 UO2+
to primarily (≡ FeO)2 UO2 OH− . Because the formation of (≡ FeO)2 UO2 OH−
2
results in the release of three protons (Table 6.3), this increased heat may be due to additional
proton neutralization (i.e., formation of H2 O). The final measured suspension pH (7.6 ± 0.3) was in
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fairly good agreement with the pH predicted by the SCM (8.9).

Figure 6.5: Change in pH (right y-axis) and hematite surface species (left y-axis) as a function of
titration progress (A), and typical titration thermogram for U(VI) sorption onto hematite. Titration
prarameters: [U(VI)]0 = 2.59 × 10−4 M, [α−Fe2 O3 ] = 5.14 g L−1 , I = 0.01 M NaCl, T = 25 ,
titrant = 0.01 M NaOH, injection volume = 4.97 µL.

6.3.2.2

Thermodynamic Parameter Quantification: Calorimetric Enthalpy

From the calorimetric titration data, the enthalpy of formation for both (≡ FeOH)2 UO2+
2 (∆r H7 )
and (≡ FeO)2 UO2 OH− (∆r H7 ) were calculated by fitting QT,meas. (for all titrations simultaneously)
as a function of moles of product formed from each reaction listed in Tables 6.1 – 6.3 (25  only).
Reaction enthalpies for the formation of both surface complexes were optimized simultaneously. The
cumulative enthalpy plot and resulting fit are shown in Fig. 6.6 as a function of the formation of U(VI)
surface species expected at 25 . The calculated enthalpies for the formation of (≡ FeOH)2 UO2+
2
and (≡ FeO)2 UO2 OH− are 81.5 ± 3.9 kJ mol−1 and 102 ± 3 kJ mol−1 , respectively. Additional
thermodynamic parameters derived from these enthalpies are listed in Table 6.4.
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Figure 6.6: Cumulative enthalpy plot as a function of (≡ FeOH)2 UO2+
and (≡ FeO)2 UO2 OH−
2
−4
formation. Titration prarameters: [U(VI)]0 = 2.59 × 10
M, [α−Fe2 O3 ] = 5.14 g L−1 , I =
0.01 M NaCl, T = 25 , titrant = 0.01 M NaOH, injection volume = 4.97 µL. Symbols are the
measured cumulative heat for three titrations, and solid lines are the cumulative heat simultaneously
calculated from all titration data (adjusted R2 = 0.997); the dashed lines are the 95% upper and
lower confidence limits.

6.4
6.4.1

Discussion
Comparison of Calculated van’t Hoff and Calorimetric Enthalpies

As shown in Section 6.3.2.2, the resulting fit to the cumulative enthalpy plot is quite satisfactory
(Fig. 6.6). However, the calculated ∆r H7 is significantly higher than the same value calculated
from the van’t Hoff analysis (Table 6.4). There are two possible reasons for this disagreement. First,
previous studies have demonstrated that U(VI) sorption onto iron oxy(hydr)oxides is non-linear over
a wide range of U(VI) concentrations.120,121 This non-linear isotherm behavior could indicate surface
saturation or changes in uranyl surface speciation as equilibrium U(VI) concentrations increase.
For this reason, our SCM, which was developed from batch experiments at much lower U(VI)
concentrations, may not adequately describe U(VI) sorption onto hematite at the concentrations
used in the calorimetric titrations.
Second, it is possible that there are chemical reactions that contribute to the measured
cumulative heat that are not included in the SCM. Because we were unable to purge the am-
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poule headspace during the calorimetric titrations, CO2 dissolution and the subsequent formation of
carbonate complexes may have contributed to the cumulative heat. However, the cumulative heat
expected from these reactions after each injection is less than 1% of the heat expected from the other
aqueous or surface reactions, suggesting that CO2 dissolution is not responsible for the disagreement
in calculated enthalpies. Electrolyte sorption onto the hematite surface may also contribute to the
measured cumulative heat during each titration. However, we cannot account for these reactions
with the DLM. Regardless of the reason for the discrepancy in calculated enthalpies, it is clear
that the formation of both (≡ FeOH)2 UO2+
and (≡ FeO)2 UO2 OH− is endothermic. Thus, the
2
thermodynamic driving force behind the strong sorption of U(VI) to hematite is due to a favorable
entropy.

6.4.2

Comparison with Previous Sorption Studies

6.4.2.1

U(VI) Surface Complexation

Although many researchers have developed SCMs to describe U(VI) sorption onto various iron
oxy(hydr)oxides, direct comparisons with our results are difficult because of differences between
modeling approaches or experimental conditions. For example, Waite et al.89 studied U(VI) sorption onto ferrihydrite in open systems and proposed a two-site, two-species model which included
a bidentate uranyl complex, (≡ Fes,w O2 )UO2 , at pH < 6, and a bidentate uranyl-carbonate complex, (≡ Fes,w O2 )UO2 CO2−
3 , at pH > 6.5. Although their SCM adequately modeled U(VI) sorption
data for a variety of experimental conditions, it doesn’t appear that they explored the full range
of possible surface reaction stoichiometries. Zeng et al.83 and Missana et al.120 found that U(VI)
sorption onto hematite and goethite, respectively, was best described with a bidentate uranyl surface complex. However, they also did not consider many alternative reactions in the development
of their SCMs. Jang et al. developed a SCM using isotherm data for U(VI) sorption onto hydrous
ferric oxide (HFO) at several circumneutral pH values.121 Because their model was developed from
these neutral pH isotherm data where U(VI) concentrations were ∼ 1 µM, their model required
monodentate and bidentate uranyl surface complexes, as well as aqueous and surface polynuclear
uranyl complexes. Wazne et al. also used monodentate uranyl surface complexes to describe U(VI)
sorption onto ferrihydrite in experiments where total U(VI) concentrations were ∼ 4 × 10−6 M.113
Neither polynuclear uranyl complexes nor monodentate uranyl surface complexes (generally consid-
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ered a less favorable surface binding configuration) are expected in our batch sorption experiments
where U(VI) concentrations are less than 5 × 10−8 M.
Perhaps the most thoroughly developed SCM comes from Hiemstra et al.,114 who used
the CD-MUSIC model to fit 168 experimental data points collected from the literature for U(VI)
sorption onto ferrihydrite. Allowing only inner-sphere uranyl surface complexation at the singly
coordinated terminal oxygen sites on the edges of Fe octahedra, they considered five possible uranyl
surface complexes for CO2 -free systems. The surface reactions that best described the cumulative
sorption data were given by (≡ FeOH)2 UO2 , (≡ FeOH)2 UO2 OH, and (≡ FeOH)2 UO2 (OH)2 , where
the net charge imparted to the electrical double layer (EDL) for each species was +2, +1, and 0,
respectively. Furthermore, Hiemstra et al. stated that (≡ FeOH)2 UO2 OH was the most important
surface species, based on the standard deviation of the calculated equilibrium constant. In a similar
manner, we also considered many possible surface reaction stoichiometries in our SCM and deter−
mined that (≡ FeOH)2 UO2+
2 and (≡ FeO)2 UO2 OH gave the best fit to our U(VI) sorption data at

25 . Because we used a single-site DLM to describe our data, we were not able to distinguish the
location of charge within the EDL, or to specify uranyl coordination to specific surface sites (e.g.,
≡ FeOH−1/2 , ≡ Fe3 O−1/2 , etc.). However, we can make some comparisons with the SCM developed
by Hiemstra et al.114 First, the uranyl surface complexes in our 25  model compare well with
the complexes suggested by Hiemstra et al.,114 although we find that the hydrolyzed surface species
(≡ FeO)2 UO2 OH− is somewhat less important based on both the standard deviation of the log K
value (Table 6.3) and percent speciation (Fig. 6.3). Second, our SCM suggests that the average net
charge imparted to the EDL over the studied pH range, based on the relative concentrations of each
complex at each data point, is +0.7 , which is close to the +1 charge of the dominant surface complex
in the Hiemstra et al. model, (≡ FeOH)2 UO2 OH. The agreement we find between our model and
the Hiemstra et al.114 model gives us confidence that our SCM is reasonable, and therefore we can
use it to better understand the thermodynamics of U(VI) sorption onto hematite.

6.4.2.2

Temperature-Dependent Surface Speciation

Ridley et al. previously reported that Nd(III) hydrolysis at the rutile surface increased with increasing temperature.92 From their results, and based on aqueous uranyl speciation models, which
indicate that uranyl hydrolysis increases with increasing temperature (Fig. 6.2), one might expect
the percentage of hydrolyzed uranyl-hematite surface complexes to also increase with increasing
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temperature. However, this was not the trend observed in our modeling results. Instead, we ob−
served a change in speciation from a combination of (≡ FeOH)2 UO2+
2 and (≡ FeO)2 UO2 OH at low

temperatures, to only (≡ FeOH)2 UO2+
2 at 35 and 50 , to (≡ FeO)2 UO2 at the highest temperature
studied. Upon further analysis, we find that the evolution of uranyl surface complexes reported here
is consistent with the expected increase in negative surface charge (i.e., increased concentration of
≡ FeO− ) as temperature increases and the hematite pzc decreases.102 In other words, as temperature and the distribution of negatively charged surface sites increase, electrostatic attraction favors
+
sorption of the divalent UO2+
2 over the monovalent UO2 OH . Furthermore, because the dielectric

constant of water decreases as temperature increases,122 we expect greater aqueous destabilization
of the more highly charged uranyl ion compared with UO2 OH+ , and, therefore, greater sorption of
+
UO2+
2 than UO2 OH .

6.4.2.3

Sorption Enthalpy

Sorption enthalpies are expected to fluctuate based on the sorbent and analyte binding configuration.
Despite this, the van’t Hoff and calorimetric reaction enthalpies calculated for the formation of
−1
(≡ FeOH)2 UO2+
) for sorption of
2 (Table 6.4) are similar to the range reported (∼ 4 – 70 kJ mol

other divalent metals (e.g., Zn(II), Pb(II), Cu(II), Cd(II)) onto various minerals).45,46 Additionally,
Almazan-Torres et al. reported an enthalpy of 58 kJ mol−1 for U(VI) sorption onto the phosphate
sites in zirconium oxophosphate,3 which is similar to the van’t Hoff enthalpy we calculated for
2+
the formation of (≡ FeOH)2 UO2+
2 . However, ∆r H for the formation of both (≡ FeOH)2 UO2 and

(≡ FeO)2 UO2 OH− are less than the enthalpy we previously calculated for Eu(III) sorption onto
hematite ((≡ FeO)2 Eu+ , ∆r H = +131 kJ mol−1 ).102 As will be discussed further in the next
section, this larger sorption enthalpy may be due to a stronger interaction between Eu(III) and the
hematite surface and a greater number of hydrating waters lost upon Eu(III) sorption relative to
U(VI) sorption.

6.4.3

Thermodynamic Interpretation

As previously stated, the formation of inner-sphere surface complexes should proceed with some
dehydration of the uranyl ion upon sorption.31 Because dehydration will increase the total system
disorder, yet also requires energy for bond breakage, dehydration is an endothermic, entropically
favorable reaction.13 On the other hand, the formation of outer-sphere surface complexes should not
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require uranyl dehydration, such that sorption should be dominated by electrostatic attraction and
will likely be exothermic.13 For this reason, we infer from the calculated thermodynamic parameters (Table 6.4) that U(VI) sorption onto hematite results in the formation of inner-sphere surface
complexes. In support of this finding, extended X-ray absorption fine structure (EXAFS) data also
indicate that, in our studied pH range, U(VI) forms bidentate mononuclear or bidentate binuclear
inner-sphere complexes on the surfaces of hematite,55,83 ferrihydrite,89,117,118 goethite,116,119 and
lepidocrocite.116
The enthalpy (+131 kJ mol−1 ) and entropy (+439 J mol−1 K−1 ) previously determined for
Eu(III) sorption onto hematite102 were significantly larger than the entropy or enthalpy determined
in this work for either U(VI) surface complex (Table 6.4). From EXAFS data and computational
modeling, we suggested that the large Eu(III) sorption entropy was due to the loss of approximately
five H2 O molecules from the Eu(III) primary hydration sphere.102 EXAFS and theoretical modeling have previously indicated that the aquo uranyl ion is coordinated to five H2 O molecules in
the equatorial plane, for a total U−O coordination number (CN) of 7, including the di-oxo moiety.123,124 EXAFS data from the sorption studies cited above suggest that the equatorial U−O CN
is approximately five for U(VI) surface complexes, such that U(VI) is bound to two surface oxygen
atoms and three H2 O molecules or OH− ligands. Although the overall U(VI) CN does not change
from the aquo uranyl ion to the sorbed complex, this data indicates that approximately two H2 O
molecules are removed from the primary hydration sphere of the aqueous uranyl ion upon sorption to iron oxy(hydr)oxide surfaces. We therefore propose that the smaller sorption entropies of
the U(VI) surface complexes compared with the Eu(III) surface complex result from the loss of
fewer H2 O molecules from the uranyl hydration sphere. Additionally, Trivedi and Axe suggested
that larger sorption enthalpies are indicative of greater bonding strength between sorbate and sorbent.125 Therefore, the smaller sorption enthalpies of the uranyl surface complexes may indicate a
weaker interaction between U(VI) and hematite compared with Eu(III) and hematite. Possibly due
to steric hindrance induced from the uranyl di-oxo moiety, greater distances have been observed in
EXAFS data between U and Fe (∼ 3.4 Å)e.g.,55,89 compared with Eu and Fe (∼ 3.1 Å)102 for bidentate mononuclear surface complexes, which further suggests a weaker interaction between U(VI) and
the hematite surfaces.
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6.4.4

Implications for U(VI) Environmental Transport

The results presented above indicate that U(VI) sorption onto hematite, and perhaps other iron
oxy(hydr)oxides, will be favored at higher temperatures, which may result in decreased migration of
U(VI) in hydrothermal environments. However, compared with Eu(III), the thermodynamics also
imply that there is a weaker interaction between U(VI) and the hematite surface, and that fewer
H2 O molecules are lost from the U(VI) hydration sphere upon sorption. We previously postulated
that desorption of Eu(III) may be kinetically hindered due to the expected large activation energy
of rehydration.102 Similarly, rehydration may limit U(VI) desorption as well, though a lower activation energy is expected due to the weaker interaction of U(VI). Thus, U(VI) may exhibit greater
desorption from environmental surfaces and possibly greater environmental transport relative to
Eu(III).

6.5

Conclusions

Additional work is clearly needed to further examine U(VI) sorption thermodynamics in more complex systems, and to understand the role that dehydration will play on the environmental transport
of uranium. However, overall, the data and analyses presented in this paper support the following
statements:
1. the speciation of U(VI) on the hematite surface may be temperature dependent;
2. U(VI) sorption onto hematite is an endothermic, entropically favorable reaction, indicating
that enhanced sorption onto solid surfaces may be observed in natural or engineered systems
at elevated temperatures;
3. partial dehydration of the uranyl ion upon sorption results in the formation of inner-sphere
surface complexes;
4. enthalpies and entropies for the formation of both U(VI)-hematite surface complexes are less
than the enthalpy and entropy for the formation of a Eu(III)-hematite surface complex, possibly
indicating a weaker interaction between U(VI) and the hematite surface.
While the qualitative conclusions discussed above help in the understanding of uranium geochemical
behavior, quantification of the exact enthalpy and entropy of the reactions remains somewhat uncer72

tain. The combination of variable temperature sorption studies and isothermal titration calorimetry
can be a powerful tool to understand radionuclide sorption reactions. However, the disagreement
between sorption enthalpies determined from the van’t Hoff equation and calorimetry in this work
is concerning. Since the enthalpies determined from these two approaches were based on data with
greatly different U(VI) concentrations (∼ 4 orders of magnitude), future work will focus on examining potential changes in uranium speciation as a function uranium surface concentrations.
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Table 6.1: Hematite characteristics and surface acidity constants.
parameter
i

value
T 

reaction
pzc
As , BET surface area (m2 g−1 )

7.36a
30.7a

Ns , site density (1018 sites m−2 )

4.28a

N † , molar site density (10−6 mol m−2 )
−1

Cs , solid phase concentration (g L
1

2

b
c
d
e

f

) [batch expts. only]

0.51

15

−14.34b

H2 O *
) H+ + OH−

25

−13.99b

∆r H1 = 55.8 kJ mol−1c

35

−13.68b

50

−13.26b

80

−12.60b

15

6.39d

6.51a,e

25

6.19d

6.31a,e

35

6.01

d

6.13a,e

50

5.75d

5.87a,e

80

5.31f

5.43e

K−

15

−8.30d

−8.18a,e

≡ FeOH *
) ≡ FeO− + H+

25

−8.11d

−7.99a,e

∆r H3 = 32.2 kJ mol−1a

35

−7.92d

−7.80a,e

50

d

−7.67

−7.55a,e

80

−7.23f

−7.11e

K+
≡ FeOH+
2
−1a

≡ FeOH + H *
)
∆r H2 = −32.2 kJ mol

a

7.11

◦
Kw

+

3

log K ‡

log K

Estes et al.102
I = 0 M; calculated from the standard density of water84 according to Bandura and Lvov.85
Martell et al.109
Calculated by Estes et al.102 using a single-site diffuse layer model (DLM); I = 0.01 M NaCl;
referenced to the 1.0 M standard state.
Referenced to the site occupancy standard state,69 and calculated with the equation:
Ns A s
‡ and A‡ are the theoretical site density (10 ×
log K ‡ = log K + log N
‡ A‡ , where N
18
−2
2
10 sites m ) and surface area (10 m g−1 ) suggested by Sverjensky.69
log K+ and log K− at 80
were calculated using the van’t Hoff equation, the log K+ and
log K− values at 25 , and the protonation (∆r H2 ) and de-protonation (∆r H3 ) enthalpies
listed in this table.
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Table 6.2: U(VI) reactions and equilibrium constants used for
surface complexation modeling.
parameter
i

reaction

4

∗

5

a

b
c

d

log K

15

−5.51a

+
+
*
UO2+
2 + H2 O ) UO2 OH + H

25

−5.25b

∆r H4 = 43.46 kJ mol−1c

35

−5.00a

50

−4.66a

80

−4.06a

15

−12.15d

25

−12.15b

35

−12.15d

50

−12.15d

80

−12.15d

KUO2 Cl+

15

0.12a

+
− *
UO2+
2 + Cl ) UO2 Cl
∆r H6 = 8 kJ mol−1b

25

0.17b

35

0.22a

50

0.28a

80

0.39a

∗

β1,1

β2,1

UO2+
2

6

value
T 



+ H2 O *
) UO2 (OH)2 + 2H

+

I = 0 M; log K values for aqueous uranyl reactions at 15, 35, 50, and
80
were calculated using the van’t Hoff equation, the log K values
at 25 , and the reaction enthalpies listed in this table.
I = 0 M; Guillaumont et al.21
◦ ) given
∆r H4 was calculated from the formation enthalpies (∆f Hm
2+
21
+
by Guillaumont et al., for the species UO2 , UO2 OH , and H2 O
◦ (H+ ) = 0 kJ mol−1 .
(l). H+ is the reference state, therefore ∆f Hm
The calculated ∆r H4 agrees well with the value determined by
Zanonato et al.,105 (46.5 kJ mol−1 ).
The reaction enthalpy for ∗ β2,1 is unknown. Therefore, the same
log∗ β2,1 was used for each experimental temperature.
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Table 6.3: Best-fit U(VI) surface complexation reactions and equilibrium constants.
parameter

value
T 

reaction

7

KSC1

15

12.77 ± 0.03a

8.82b

32.71c

2+
*
2 ≡ FeOH + UO2+
2 ) (≡ FeOH)2 UO2

25

13.01 ± 0.02a,d

9.06b

32.95c

35

13.19 ± 0.01a

9.24b

33.13c

50

13.37 ± 0.02

a

b

33.31c

80

—

—

—

KSC2

15

−8.22 ± 0.06a

−12.17b

11.72c

2 ≡ FeOH + UO2+
2
*
) (≡ FeO)2 UO2 OH− + 3H+

25

−7.82 ± 0.09a,d −11.77b

12.12c

8

9

KSC3
2 ≡ FeOH +

UO2+
2

*
) (≡ FeO)2 UO2 + 2H+

b

c

d

log K3

9.42

35

—

—

—

50

—

—

—

80

—

—

—

15

—

—

—

25

—

—

—

35

—

—

—

50

—

80
a

log K

log K ‡

i

1.43 ± 0.04

—
a

—
b

−2.52

21.37c

Calculated using a single-site DLM and referenced to the 1.0 M standard state; I = 0.01 M NaCl. The
exponent for ≡ FeOH was defined as 2 in both the FITEQL mass balance and mass action expressions. As
such, the log K values determined here for the U(VI) surface complexation reactions are dependent on solid
phase concentration. To apply our SCM, researchers should use the log K3 values as described in note b
below.
Referenced to the mole fraction standard state as suggested by Wang and Giammar,68 and calculated with
the equation: log K3 = log K + log(N † As Cs ). Researchers that wish to use our SCM can directly input
the log K3 values into modeling software which implements the mole fraction standard state. When using
modeling software which implements the 1.0 M standard state (e.g., FITEQL), researchers should convert
the log K3 into log K values using the above equation and the molar site density, specific surface area, and
solid phase concentration specific to their reaction conditions.

Referenced to the site 2occupancy
standard state,69 and calculated with the equation:
(Ns As ) ·Cs
‡ and A‡ are the theoretical site density (10 × 1018 sites m−2 )
log K ‡ = log K + log
,
where
N
‡
‡
N A
and surface area (10 m2 g−1 ) suggested by Sverjensky.69
The log K values were corrected for the hematite concentrations used in the calorimetric titrations (Cs =
5.14 g L−1 ) as described in note b above. The corrected log K values for formation of (≡ FeOH)2 UO2+
2 and
(≡ FeO)2 UO2 OH− were 11.998 and –8.832, respectively.
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Table 6.4: Calculated thermodynamic parameters for U(VI) sorption onto
hematite.a
∆r Gi b
(kJ mol

−1

∆r Si c

∆r Hi
−1

)

−1

∆r Cp,i
−1

(kJ mol )
(J mol K
2+
*
(≡
FeOH)
(i = 7) 2 ≡ FeOH + UO2+
2 UO2
2 )
vH

−74.3 ± 0.1

+35.5 ± 0.2

+368 ± 1

cal.

−74.3 ± 0.1

+81.5 ± 3.9

+522 ± 13

)

(J mol−1 K−1 )
−741 ± 14

−
+
*
(i = 8) 2 ≡ FeOH + UO2+
2 ) (≡ FeO)2 UO2 OH + 3H
cal. +44.6 ± 0.5
+102 ± 3
+193 ± 9
a
b
c

—

—

 and I = 0.01 M NaCl; “vH” indicates values derived from

All values are for 25
the van’t Hoff analysis,
Calculated from: ∆r Gi
Calculated from: ∆r Gi

“cal.” indicates values derived from ITC.
= −RT · ln K, where T is 298.15 K.
= ∆r Hi − T ∆r Si , where T is 298.15 K.
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Chapter 7

A Comparison of the
Thermodynamics of Np(V),
Th(IV), and Pu(IV) Sorption onto
Hematite∗
Abstract
Using multi-temperature batch sorption experiments and surface complexation modeling, we have
studied the thermodynamics of Np(V), Th(IV), and Pu(IV) sorption onto hematite (α−Fe2 O3 ).
Np(V) experiments (0.5 g L−1 α−Fe2 O3 , I = 0.01 M NaCl, 10−8 M Np(V)tot ) were conducted
over the pH range 3 to 8 at 15, 25, 35, and 50 , and Th(IV) and Pu(IV) sorption experiments
(0.58 g L−1 α−Fe2 O3 , I = 0.01 M NaCl, 10−8 M Th(IV)/Pu(IV)tot ) were conducted over the pH
range 1.5 to 5.5 at 15, 25, 35, 50, and 65 . Surface complexation modeling with the diffuse layer
model (DLM) indicated that Np(V) and Th(IV) sorption onto hematite at all temperatures was best
described with monodentate unhydrolyzed surface complexes, while Pu(IV) sorption onto hematite
∗ This chapter has been prepared for submission to Geochimica et Cosmochimica Acta with authors Shanna L.
Estes and Brian A. Powell. Each author contributed the following: (1) Shanna L. Estes performed all batch sorption
and calorimetric experiments, performed all associated data analyses, and wrote the complete manuscript; (2) Brian
A. Powell secured research funding, assisted with all data analyses, and reviewed the manuscript.
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at 25  was best described as Pu(OH)4−x
sorbed in a monodentate fashion. Neither Np(V) nor
x
Th(IV) sorption increased with increasing temperature, suggesting that both sorption reactions were
temperature independent. Additionally, calculated sorption enthalpies and entropies suggest that
Np(V) and Th(IV) sorption onto hematite occurs via predominantly outer-sphere and both outerand inner-sphere surface complexation, respectively. Pu sorption onto hematite increased slightly
with increasing temperature, suggesting that inner-sphere complexation may dominate the Pu(IV)
sorption mechanism. Attempts to fit the Pu(IV) sorption behavior with the surface complexation
model derived from Th(IV) were unsuccessful.

7.1

Introduction

Decades of nuclear weapons production and testing have resulted in significant Pu contamination
of soils, sediments, and groundwater at many U.S. Department of Energy (DOE) sites.4 Although
this contamination is primarily localized at these DOE sites, several researchers have reported longdistance Pu transport,1,2,126 which represents a significant risk to future populations due to the
radiological health hazards associated with Pu exposure.
Pu chemistry at the solid-water interface is perhaps one of the most important processes controlling Pu transport in the environment, and therefore, it is important to investigate this chemistry
under environmentally relevant conditions. However, the influence of temperature on Pu sorption
reactions has not been widely studied, and to our knowledge, only Lu et al.42 have examined the effect of temperature on Pu sorption onto various minerals. This is unfortunate, because in addition to
providing necessary data for empirically modeling actinide sorption behavior under the elevated temperature conditions expected in a geologic repository,43 investigating these reactions over a range of
temperatures can also yield important information regarding reaction mechanisms. For example, we
previously demonstrated that Eu(III)102 and U(VI) sorption onto hematite are endothermic, entropically driven reactions, which suggests that both Eu(III)102 and U(VI) form inner-sphere complexes
with the hematite surface and that some dehydration of these elements occurs. Yet, because Pu is
extremely sensitive to changes in redox conditions, and because Pu can routinely exist in aqueous
solutions as mixtures of Pu(III), Pu(IV), Pu(V), and Pu(VI),127 the interpretation of experimental
data can be difficult. For this reason, researchers commonly use Np(V) and Th(IV) as redox stable
chemical analogs of Pu(V) and Pu(IV), repectively. To this end, the objectives of this work were to
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examine the influence of temperature on Np(V), Th(IV), and Pu(IV) sorption onto hematite, and
to compare the Np(V), Th(IV), and Pu(IV) data and surface complexation models in an effort to
indentify the mechanisms responsible for the sorption of these actinides onto hematite.

7.2

Materials and Methods

7.2.1

Reagents

Hematite (α−Fe2 O3 ) synthesis and characterization are described by Estes et al.102 La(NO)3 · 6 H2 O
(99.9%, Alfa Aesar), KMnO4 (99.5%, Mallinckrodt), NaCl (99%, BDH), NaNO2 (101.5%, Mallinckrodt), H2 SO4 (95.0–98.0%, EM Science), HF (47–51%, Fisher), HCl (37%, BDH Aristar Plus), HNO3
(67–70%, BDH Aristar Plus), bis-(ethylhexyl)-phosphoric acid (HDEHP, 95%, Aldrich), 4-benzyol3-methyl-1-phenyl-5-pyrazolone (PMBP, TCI), cyclohexane (>99%, Alfa Aesar), and standardized
HCl (0.01, 0.1 N, Metrohm) and NaOH (0.01, 0.1 N, Metrohm) were used as received. Perkin Elmer
Optiphase HiSafe 3 cocktail was used for all liquid scintillation counting (LSC). For Pu oxidation
state analyses, PMBP (0.025 M) and HDEHP (0.5 M) solutions were prepared in cyclohexane and
equilibrated with 1 M HCl for a minimum of 30 minutes, and a lanthanum stock solution containing
0.01 M LaNO3 , 0.8 M HNO3 , 0.25 M H2 SO4 , and 0.001 M KMnO4 was prepared in ultrapure H2 O
– these solutions were stored in amber glass bottles sealed with PTFE septa and screw caps. Neptunium calibration standards (in 2% HNO3 ) and working solution #1 (WS1, 4.2 × 10−6 M Np(V)
in 2% HNO3 ) were prepared from a

237

Np NIST standard reference solution (SRM 4341). Thorium

calibration standards (in 2% HNO3 ) and working solution #2 (WS2, 6.45 × 10−5 M Th(IV) in 1 M
HCl) were prepared by diluting a Th plasma standard (1,000 µg L−1 in 2% HNO3 , High Purity
Standards). Working solution #3 (WS3, 1.51 × 10−6 M Pu(IV) in 1 M HCl) was prepared from a
238

Pu source solution (Eckert & Ziegler, source #1556-59) by evaporating an aliquot of the source

solution to dryness and reconstituting in 1 M HCl three times, with a few crystals of NaNO2 added
to the final solution to oxidize or reduce any Pu(III) or Pu(V/VI), respectively. Solvent extraction
and LaF3 coprecipitation (see Sec. 7.2.3) confirmed that the oxidation state distribution in WS3 was
> 98% Pu(IV). All experiments were prepared in ultrapure H2 O (resistivity > 18 MΩ cm, Millipore
SuperQ).
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7.2.2

Multi-Temperature Batch Sorption

Batch experiments were conducted in either 50 mL polypropylene (PP) centrifuge tubes (Np(V))
or 125 mL screw top polycarbonate (PC) Erlenmeyer flasks (Th(IV) and Pu(IV)). For the Np(V)
experiments, 4 mL of a 5 g L−1 hematite suspension and 4 mL of 0.1 M NaCl were added to each
PP tube and diluted to a total volume of 40 mL with ultrapure H2 O. Following this step, an aliquot
of WS1 was added to each tube, and the pH of each suspension was adjusted using HCl or NaOH.
For the Th(IV) and Pu(IV) experiments, hematite was added to each PC flask as the dry solid, and
then suspended in 0.01 M NaCl. To hydrate the hematite, these suspensions were initially mixed
for ∼ 48 hours before adding an aliquot of both WS2 and WS3 to each flask. Immediately after the
working solution additions, the pH of each suspension was adjusted using HCl or NaOH. Although
both Th(IV) and Pu(IV) were present in these suspensions, 100% sorption of both Th(IV) and
Pu(IV) at the highest concentrations studied would represent < 0.05% surface coverage. Therefore,
no competition between the two actinides are expected in these experiments. The final Np(V)
suspensions contained 0.5 g L−1 hematite, (2.09 ± 0.03) ×10−8 M Np(V), and 0.01 M NaCl, with
pH ranging from 3 to ∼ 8. The final Th(IV)/Pu(IV) suspensions (prepared in duplicate) contained
0.58 g L−1 hematite, (2.11 ± 0.02) × 10−8 M or (4.23 ± 0.05) × 10−8 M Th(IV), (3.88 ± 0.01)
× 10−10 M or (2.00 ± 0.01) × 10−9 M Pu(IV), and 0.01 M NaCl in a total volume of ∼ 60 mL, with
pH ranging from ∼ 1.5 to 5.5. No attempts to exclude atmospheric CO2 were made. Additionally,
no pH adjustments were made in either the Np(V) or Th(IV)/Pu(IV) experiments after the initial
preparation of the batch systems.
Immediately following preparation of the batch systems, all flasks or tubes were initially
placed within a temperature controlled orbital shaker (VWR) at 15  – PP tubes were placed
horizontally in secondary containment. After 3 days of mixing, the pH of each suspension was
measured using a combination pH electrode with automatic temperature compensation (Thermo
9157BNMD), and the suspensions were sampled by removing a 1.5 mL homogenous aliquot from
each. Sample aliquots were centrifuged at 22,065g for 30 min to sediment particles larger than
∼ 60 nm. For Np(V) and Th(IV) analyses, 1 mL or 0.5 mL of the supernatant was diluted with 9
mL of 2% HNO3 and analyzed for total Np or Th by inductively-coupled plasma mass spectrometry
(ICP-MS, Thermo X Series 2). For Pu(IV) analyses, 0.5 mL of the supernatant was mixed with
4 mL of Optiphase HiSafe 3 cocktail in a 6 mL polyethylene (PE) scintillation vial and analyzed
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using liquid scintillation counting (LSC, 30 minute count time, Perkin Elmer Tri-Carb 2910). After
5 to 7 additional days of mixing, the suspensions were sampled a second time to verify sorption
equilibrium of Np(V) or Th(IV). During this second sampling event, an additional 300 µL of the
supernatant from select samples spanning the pH range of the Th(IV)/Pu(IV) batch experiments
was collected for Pu oxidation state analysis, as described in Sec. 7.2.3. After the second sampling
event, the reaction temperature was increased, and the entire sampling procedure was repeated to
give Np(V) sorption data at 15, 25, 35, and 50 , and Th(IV) and Pu(IV) sorption data at 15, 25,
35, 50, and 65 .

7.2.3

Plutonium Oxidation State Analysis

The oxidation state of aqueous Pu was determined using a solvent extraction method adapted from
Neu et al.128 and LaF3 coprecipitation.129 For solvent extractions, an aliquot of the Pu containing
sample was diluted to 1 mL with H2 O and 5 M HCl in a 1.5 mL PP centrifuge tube to give
an aqueous solution with pH = 0. Following this step, 0.5 mL of either the PMBP or HDEHP
cyclohexane solutions was added to each PP tube. The tubes were then immediately capped and
mixed on a vortex mixer (VWR) for three minutes, and then centrifuged for 1.5 minutes at 4,600g
(VWR Galaxy 5D) to quickly separate the phases. A 0.4 mL aliquot of both the organic and aqueous
phases was then carefully removed and mixed with 4 mL of liquid scintillation cocktail and analyzed
as above. For LaF3 coprecipitation, an aliquot of each Pu containing sample (diluted with H2 O
if necessary to give 0.5 mL total sample volume) was mixed with 1 mL of the lanthanum stock
solution and 10 µL of concentrated HF in a 1.5 mL PP centrifuge tube. The tubes were mixed
and centrifuged as described for the solvent extractions, and then 0.4 mL of the aqueous phase was
analyzed using LSC as described above. To limit Pu oxidation state changes as much as possible,
all extraction or coprecipitation procedures were generally completed (to the point of LSC analysis)
within 5 to 7 minutes of initial sample collection. For these conditions, PMBP and HDEHP extract
Pu(IV) and Pu(IV)/Pu(VI), respectively, from the aqueous phase, and both Pu(III) and Pu(IV) are
coprecipitated with LaF3 , allowing quantification of the oxidation state distribution of Pu in our
initial solutions or batch systems.
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7.2.4

Surface Complexation Modeling

To describe Np(V), Th(IV), and Pu(IV) sorption onto hematite, surface complexation models
(SCMs) were developed by fitting the batch sorption data at each temperature as a function of
pH using a modified version of FITEQL 4.0.64 FITEQL modifications are described by Estes et
al.102 For each SCM, the electrical double layer (EDL) was defined using a single-site diffuse layer
model (DLM),67 which was selected for comparison with earlier work and because it has few adjustable parameters. For the Th(IV) and Pu(IV) SCMs, data from experiments at both initial
actinide concentrations were combined and fit simultaneously. A 5% relative error was assigned to
all experimental data during SCM optimization. Activity corrections were performed in FITEQL
with the Davies model, after adjusting the Davies A parameter to each experimental temperature.9
Except where noted, the FITEQL goodness of fit parameter, the ratio of the weighted sum of squares
to the degrees of freedom (WSOS/DF), was used to identify the best SCM for each data set. Calculated equilibrium constants are referenced to the 1.0 M standard state and are reported ± 1σ. To
ease comparison with future modeling efforts, equilibrium constants are also reported referenced to
the site-occupancy standard state, as suggested by Sverjensky.69

7.3

Results

7.3.1

Np(V) and Th(IV) Sorption onto Hematite

7.3.1.1

Effect of Temperature

Np(V) and Th(IV) sorption onto hematite increased sharply with increasing pH at all studied temperatures, and as expected based on the greater effective charge of Th(IV)130 and thus greater
electrostatic attraction to the hematite surface, the Th(IV) sorption edge occurred at a lower pH
than the Np(V) sorption edge (Fig. 7.1). Compared with the Th(IV) data, the Np(V) sorption
data contained significant scatter (Fig. 7.1). Because we do not expect any reduction of Np(V) to
Np(IV) under our experimental conditions,131 this data scatter suggests a relatively weak interaction
between Np(V) and the hematite surface.
Increasing the reaction temperature from 15 to 50  did not significantly affect Np(V)
sorption onto hematite (Fig. 7.1). For the Th(IV) experiments, the sorption edge shifted to lower
pH as the reaction temperature increased from 15 to 65 , regardless of initial Th(IV) concentra83

Figure 7.1: Np(V) and Th(IV) sorption onto hematite as a function of pH and temperature for
a [Np(V)]tot of (2.09 ± 0.03) × 10−8 M (A) and [Th(IV)]tot of (2.11 ± 0.02) × 10−8 M (B) and
(4.23 ± 0.05) × 10−8 M (C). Solid lines are the corresponding surface complexation models (singlesite DLM), which represent the following Np(V) and Th(IV) surface complexes: ≡ FeONpO02 at 15
4+
and 25 ; ≡ FeOHNpO+
at 15, 25, 35, and 50 ; and ≡ FeOTh3+
2 at 35 and 50 ; ≡ FeOHTh
at 65 . The WSOS/DF values, in order of increasing temperature, were: 20.32, 6.33, 11.84, and
17.91 for the Np(V) SCMs; and 3.70, 6.02, 1.15, 1.23, and 1.48 for the Th(IV) SCMs.
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tion (Fig. 7.1). However, because Kw varies with temperature, the observed shift in the Th(IV)
sorption edge is misleading, and does not necessarily indicate increased sorption. Re-plotting the
Th(IV) sorption data as a function of “pH – 1/2pKw ” (Fig. D.1), reveals that Th(IV) sorption
does not change with increasing temperature. Therefore, it appears that the Np(V) and Th(IV)
sorption reactions are temperature independent, at least for our experimental conditions, which is
contradictory to the sorption behavior reported for other metals,45,46 lanthanides,47,54,92,93,102 and
actinides.3,42

7.3.1.2

Surface Complexation Model Development

As illustrated in Fig. 7.2, the aqueous speciation of Np(V) is dominated by NpO+
2 across the experimental pH range. The formation of NpO2 OH0 was included in the final SCM, but concentrations of
this species were generally insignificant in our batch systems. Although the formation of NpO2 CO–3
is significant above pH ∼ 7.5 (Fig. 7.2), including aqueous or surface neptunyl-carbonate complexes
in the SCM did not improve our fit results. Additionally, Kohler et al. previously demonstrated
that the presence of atmospheric CO2 did not affect Np(V) sorption onto hematite at pH < 8.132
Therefore, all carbonate species were excluded from the final Np(V) SCM. Similarly, all carbonate
species were excluded from the final Th(IV) SCM based on the expected aqueous Th(IV) speciation
(Fig. 7.2), which indicates that Th(IV)-carbonate complexes were not present at significant concentrations in the pH range of the Th(IV) batch experiments (∼ 1.5 to 5.5). However, unlike Np(V),
the Th(IV) aqueous speciation includes several Th(IV) hydrolysis products and ThCl3+ (Fig. 7.2).
2+

0

Therefore, formation reactions for ThOH3+ , Th(OH)2 , Th(OH)4 , and ThCl3+ were included in the
SCM. All aqueous reactions and associated formation constants used in the final Np(V) and Th(IV)
SCMs are listed in Table 7.1. Unless otherwise noted, the formation constants at each temperature
were calculated using available reaction enthalpies (Table 7.1) and the van’t Hoff equation. All
pertinent hematite parameters, which were determined by Estes et al.102 are given in Table 7.2.
For both the Np(V)- and Th(IV)-hematite systems, many different surface reactions were
considered during optimization of the SCM. At 15 and 25 , the Np(V) sorption data were best fit
0
(i.e., lowest WSOS/DF) using a monodentate de-protonated surface complex, −
−FeONpO2 ; while at
+
35 and 50 , the data were best fit using a monodentate protonated surface complex, −
−FeOHNpO2

(Fig. 7.1). In contrast, the Th(IV) sorption data were best fit at 15, 25, 35, and 50  using a
4+
monodentate protonated surface complex, −
−FeOHTh (Fig. 7.1). However, at 65 , a bidentate
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Figure 7.2: Aqueous speciation of Np(V) (A) and Th(IV) (B) as a function of pH and temperature
in the presence of atmospheric CO2 (PCO2 = 10−3.4 atm). Modeled using Visual MINTEQ, with
equilibrium constants given by Guillaumont et al.,21 Rao et al.,23 and Rand et al.133 The arrows x
2–
and y (B) indicate the Th(IV) species ThCl3+ and Th(OH)2 (CO3 )2 , respectively. The modeling
−8
conditions ([Np(V)]Ttot = 2.09 × 10 M or [Th(IV)]tot = 4.23 × 10−8 M, I = 0.01 M NaCl) were
0
equivalent to the batch sorption experiments. The enthalpies for NpO2 CO–3 , Th(OH)4 , ThCl3+ ,
2–
and Th(OH)2 (CO3 )2 are not defined; therefore, only models at 25  are shown. For simplicity,
only 15, 25, and 65  models, which illustrate the speciation range expected for our experimental
conditions, are shown for other Th(IV) species.
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de-protonated surface complex, (−FeO)2 Th2+ , fit the Th(IV) sorption data slightly better than a
3+
monodentate de-protonated surface complex, −
−FeOTh (WSOS/DF = 1.35 vs. 1.48, respectively).

It is not clear which surface complex best represents Th(IV) sorption onto hematite at 65 . However, because the relative error in the calculated log K for (−FeO)2 Th2+ (log K = 12.38 ± 0.04) was
3+
∼ 30% greater than the relative error in the calculated log K for −
−FeOTh (log K = 13.62 ± 0.03),

we chose to model the Th(IV) sorption data at 65  with the monodentate surface complex. All
surface complexation reactions and equilibrium constants chosen for the final Np(V) and Th(IV)
SCMs at each temperature are listed in Table 7.3.

7.3.1.3

Sorption Thermodynamics

Because the best fit SCMs indicated a change in Np(V) surface speciation with increasing temperature, resulting in log K values at only two temperatures for each surface complex, it was not possible
to use the van’t Hoff relationship to calculate the Np(V) sorption enthalpy. However, changes in the
0
+
log K values at each temperature (Table 7.3) for the formation of −
−FeONpO2 and −
−FeOHNpO2

are insignificant, suggesting that the enthalpies for both reactions (∆r H9 and ∆r H10 , respectively)
are ≈ 0 kJ mol−1 . Sufficient data were available to approximate the enthalpy of Th(IV) sorption
onto hematite using a van’t Hoff plot (Fig. 7.3). However, the linear regression yielded a slope that
was not significantly different than zero (ANOVA, P = 0.05), suggesting that the reaction enthalpy
4+
−1
for the formation of −
−FeOHTh (∆r H11 ) is also ≈ 0 kJ mol . These sorption enthalpies are con-

sistent with the absence of any temperature dependent changes in the Np(V) and Th(IV) sorption
edges noted earlier (Sec. 7.3.1.1).

7.3.2

Pu(IV) Sorption onto Hematite

7.3.2.1

Effect of Temperature

Pu(IV) sorption onto hematite as a function of pH and temperature is shown in Fig. 7.4. This figure
illustrates that: (1) sorption equilibrium was not reached at the first sampling event, as represented
by significant differences between closed and open symbols, particularly at the higher pH values; (2)
the Pu(IV) sorption edges are more shallow (i.e., sorption from 0 to 100% occurs over a wider pH
range) than those observed for either Np(V) or Th(IV) (Fig. 7.1); and (3) there is significant scatter
in the sorption data compared with the Th(IV) sorption data (Fig. 7.1). This anomalous sorption
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Table 7.1: Aqueous reactions, equilibrium constants, and reaction enthalpies used to
model Np(V) and Th(IV) sorption onto hematite at 15 to 65 .
T 

log K a

T 

log K a

◦
Kw

15

−14.34b

50

−13.26b

+
–
−−
*
H2 O )
−
− H + OH

25

−13.99b

65

−12.91b

∆r H1 = 55.8 kJ mol−1c

35

−13.68b

∗

15

−9.17c

50

−8.74c

25

−8.98d

35

−8.85c

β1,1 (Th(IV))
3+
+
−−
*
Th4+ + H2 O )
−
− ThOH + H

15

−2.77e

50

−1.90e

25

−2.50e

65

−1.58e

∆r H5 = 44.2 kJ mol−1f

35

−2.25e

∗

15

−6.72e

50

−5.04e

25

−6.20f

65

−4.42e

∆r H6 = 85.7 kJ mol

35

−5.71e

∗

15

−17.40g

50

−17.40f

25

−17.40f

65

−17.40f

35

−17.40f

KThCl3+

15

1.70g

50

1.70g

3+
−
*
Th4+ + Cl– −
)
−
− ThCl

25

1.70f

65

1.70g

35

g

i

reaction

1

4

β1,1 (Np(V))

+
−−
*
NpO+
−
− NpO2 OH + H
2 + H2 O )

5

6

∗

β2,1 (Th(IV))

−−
*
Th4+ + 2 H2 O )
−
−

7

a
b
c
d
e
f
g

+ 2 H+

β4,1 (Th(IV))

−
*
Th4+ + 4 H2 O −
)
−
−

8

2+
Th(OH)2
−1f

0
Th(OH)4

+ 4 H+

1.70

All equilibrium constants are for I = 0 M.
Calculated from the standard density of water84 according to Bandura and Lvov.85
log K for neptunyl hydrolysis at 15, 35, and 50
was calculated from an exponential fit of
log ∗ β1◦ 23 as a function of temperature.
Rao et al.23
log K values for aqueous Th(IV) reactions at 15, 35, 50, and 65
were calculated with the van’t
Hoff equation using the log K values at 25
and the reaction enthalpies listed in this table.
Rand et al.133
The reaction enthalpies for ∗ β4,1 (Th(IV)) and KThCl3+ are unknown. Therefore the same
log ∗ β4,1 and log KThCl3+ were used for each experimental temperature.
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Table 7.2: Hematite characteristics and surface acidity constants
parameter
i

value
T 

reaction

7.36a

pzc
As , BET surface area (m2 g−1 )
Ns , site density (1018 sites m−2 )

30.7a
4.28a

N † , molar site density (10−6 mol m−2 )
−1

Cs , solid phase concentration (g L

2

3

a
b
c

d

log K ‡

log K

7.11

) [Np(V) expts.]

0.51

Cs , solid phase concentration (g L−1 ) [Th(IV)/Pu(IV) expt.]

0.58

K+
+
+ −
−
*
)−
−−
−FeOH2
−FeOH + H −
∆r H2 = −32.2 kJ mol−1a

15

6.39b

6.51a,c

25

6.19b

6.31a,c

35

6.01b

6.13a,c

50

5.75

b

5.87a,c

65

5.52d

K−
–
+
−−
*
−FeOH )
−
−−
−FeO + H

15

−8.30b

−8.18a,c

25

−8.11b

−7.99a,c

∆r H3 = 32.2 kJ mol−1a

35

−7.92b

−7.80a,c

50

−7.67b

−7.55a,c

65

d

−7.44

5.64c

−7.32c

Estes et al.102
Calculated by Estes et al.102 using a single-site diffuse layer model (DLM); I = 0.01 M NaCl;
referenced to the 1.0 M standard state.
Referenced to the site-occupancy standard state,69 and calculated with the equation:
Ns A s
log K ‡ = log K + log N
where N ‡ and A‡ are the theoretical site density (10 ×
‡ A‡ ,
18
−2
10 sites m ) and surface area (10 m2 g−1 ) suggested by Sverjensky.69
log K+ and log K− at 65
were calculated using the van’t Hoff equation, the log K+ and
log K− values at 25
and the protonation (∆r H2 ) and de-protonation (∆r H3 ) enthalpies
listed in this table.
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Table 7.3: Best-fit Np(V) and Th(IV) surface complexation reactions and equilibrium constants
parameter

value

i

reaction

9

KSC1
+
+ −
−
*
)−
−−
−FeONpO2 + H
−FeOH + NpO2 −

10

KSC2
+
−−
*
−FeOH + NpO+
−
−−
−FeOHNpO2
2 )

T 

log K

log K ‡

15

−2.93 ± 0.02a

−2.81b

25

−2.95 ± 0.02a

−2.83b

35

—

—

50

—

—

65

—

—

15

—

—

25

—

35

4.46 ± 0.03

4.58b

50

4.38 ± 0.02a

4.50b

65
11

12

KSC3
4+
4+
−
−
*
)
−
− FeOHTh
−FeOH + Th −

KSC4
3+
+
−−
*
−FeOH + Th4+ )
−
−−
−FeOTh + H

b
c

d

—

—

15

19.20 ± 0.02a

19.32b

25

19.03 ± 0.02a

19.15b

35

a

19.12 ± 0.02

19.24b

50

19.21 ± 0.02a

19.33b

65

—

—

15

—

—

25

—

—

35

—

—

50

—

65
a

—
a

—
a

13.62 ± 0.03

13.74b

Estes et al.102
Calculated by Estes et al.102 using a single-site diffuse layer model (DLM); I = 0.01 M NaCl;
referenced to the 1.0 M standard state.
Referenced to the site-occupancy standard state,69 and calculated with the equation:
Ns A s
‡ and A‡ are the theoretical site density (10 ×
log K ‡ = log K + log N
‡ A‡ , where N
18
−2
10 sites m ) and surface area (10 m2 g−1 ) suggested by Sverjensky.69
log K+ and log K− at 65
were calculated using the van’t Hoff equation, the log K+ and
log K− values at 25
and the protonation (∆r H2 ) and de-protonation (∆r H3 ) enthalpies
listed in this table.
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Figure 7.3: van’t Hoff plot using log K values for the surface complex ≡ FeOHTh4+ . The solid line
is the linear fit, which is not significantly different than zero (at the 0.05 level), and the dashed lines
are the 95% confidence intervals.
behavior was likely due to changes in the oxidation state of aqueous phase Pu across the studied pH
range and at each reaction temperature (Fig. 7.5).
As pH increases, some Pu(IV) oxidation, likely to Pu(V), is evident at 15 to 50  (Fig. 7.5).
At 25 , these oxidation state changes are consistent with the expected thermodynamic stabilities
of Pu(III, IV, V, VI) under the experimental conditions.e.g.,134 Interestingly, at 65 , the aqueous
phase Pu speciation in our batch experiments appears to reverse, such that oxidized Pu species
become dominant at lower pH values compared to Pu(III/IV) (Fig. 7.5). Possible reasons for this
oxidation state reversal are unknown, and warrant further investigation.
If we assume that sorption equilibrium was reached at the second sampling event, and plot
this data as a function of “pH – 1/2pKw ” (Fig. D.2), Pu sorption onto hematite appears to increase
with increasing temperature, which is consistent with previous observations by Lu et al.42 However,
because we do not have direct evidence that sorption equilibrium was achieved, and because there
are known changes in the Pu oxidation state, it is not clear if this increased sorption is actually due
to one or more endothermic sorption reactions.
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Figure 7.4: Pu(IV) sorption onto hematite as a function of pH and temperature for batch systems
with [Pu(IV)]tot of (3.88 ± 0.01) × 10−10 M (A) and (2.00 ± 0.01) × 10−9 M (B). Errors, calculated
from counting statistics, are ± 1σ. Closed and open symbols represent data from the first and second
sampling events, respectively.
7.3.2.2

Surface Complexation Model Development at 25



Using data from the second sampling event, we developed a SCM to describe the observed Pu
sorption onto hematite. However, because Pu(IV) hydrolysis constants are only available at 25 ,
we were only able to fit the sorption data at that temperature. We explored several combinations
of surface reactions during SCM optimization, using the Th(IV) best fit monodentate protonated
surface complex as a guide. Carbonate speciation was excluded from the SCMs because Pu-carbonate
species are not expected in significant concentrations in the studied pH range.135,136 For model
development, we assumed that Pu was present as 100% Pu(IV) and that neither Pu oxidation
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Figure 7.5: Pu oxidation state distribution in the aqueous phase as a function of pH and temperature
for the batch systems with initial Pu(IV)tot concentrations of (3.88 ± 0.01) × 10−10 M. Errors,
calculated from counting statistics, are ± 1σ. Similar oxidation state distributions were measured
for batch systems with higher initial Pu(IV) concentrations (Fig. D.4). Pu(III,IV) concentrations
are from solvent extraction with PMBP in cyclohexane, and agree well with results from LaF3
coprecipitation. Pu(V/VI) concentrations are from coprecipitation with LaF3 .
nor reduction occurred. As several researchers have observed Pu(V) reduction to Pu(IV) in the
presence of various pure and mixed mineral phases,e.g.,33–35,41 and have suggested that Pu(IV) may
be the thermodynamically favorable surface species, our assumption, that only Pu(IV) was present,
may be reasonable for describing Pu surface reactions only. As clearly demonstrated in Fig. 7.5,
a similar assumption cannot be made regarding the aqueous Pu speciation. The 25  data were
2+
+
best fit using a combination of three surface complexes, −
−FeOHPu(OH)2 , −
−FeOHPu(OH)3 , and
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0
−
−FeOHPu(OH)4 (Fig. 7.6). The relative importance of each surface complex is illustrated in Fig. 7.6,

and the calculated equilibrium constants are given in Table 7.4.

Figure 7.6: Pu sorption onto hematite as a function of pH at 25  for batch systems with [Pu(IV)]tot
of (3.88 ± 0.01) × 10−10 M (A) and (2.00 ± 0.01) × 10−9 M (B). Data is from the second sampling
event only. Pu was assumed to be present as only Pu(IV), and neither reduction nor oxidation of
2+
+
Pu was allowed. Solid lines are the total SCM (i.e., sum of ≡ FeOHPu(OH)2 , ≡ FeOHPu(OH)3 ,
0
and ≡ FeOHPu(OH)4 ), which gave a WSOS/DF value of 4.99. The red dashed lines (B) represent
the distribution of surface complexes across the experimental pH range. A similar distribution was
observed for the batch systems with lower initial Pu(IV) concentrations. The black dashed lines
(A) represent the Pu(IV) sorption that is predicted when the best fit Th(IV) surface complexation
reaction (i.e., ≡ FeOHTh4+ , log K = 19.03) is used to model the Pu sorption data in the absence
and presence of Pu(IV) hydrolysis.

7.3.2.3

Ability to Predict Pu(IV) Sorption at 25

 from Th(IV) Data

As mentioned previously, it is possible that in the presence of hematite, Pu(IV) is the dominant
surface species. Therefore, we also attempted to predict the Pu sorption behavior using only the
best-fit SCM for Th(IV) (Sec. 7.3.1.2). When Pu(IV) hydrolysis products were excluded from the
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Table 7.4: Aqueous reactions, best-fit surface complexation reactions, and associated equilibrium constants used in the 25  Pu(IV) SCM.
i

reaction

13

14

log K

∗

β1,1 (Pu(IV))
3+
+
−
*
Pu4+ + H2 O −
)
−
− PuOH + H
∗

0.6b

β2,1 (Pu(IV))
2+

+
−−
*
Pu4+ + 2 H2 O )
−
− Pu(OH)2 + 2 H

15

∗

∗

+

−2.3b

0

−8.5b

β4,1 (Pu(IV))

+
−−
*
Pu4+ + 4 H2 O )
−
− Pu(OH)4 + 4 H

17

18

19
a

b
c

0.6b

β3,1 (Pu(IV))

+
−−
*
Pu4+ + 3 H2 O )
−
− Pu(OH)3 + 3 H

16

log K ‡a

KSC5
2+
+
−
*
−FeOH + Pu4+ + 2 H2 O −
)
−
−−
−FeOHPu(OH)2 + 2 H

4.95 ± 0.03c

5.07

KSC6
+
4+
+
−
−
*
)
−
−−
−FeOH + Pu + 3 H2 O −
−FeOHPu(OH)3 + 3 H

1.61 ± 0.14c

1.73

KSC7
0
4+
+
−
−−
*
−
−−
−FeOH + Pu + 4 H2 O )
−FeOHPu(OH)4 + 4 H

−1.60 ± 0.07c

−1.48

Referenced to the site-occupancy standard state,69 and calculated with the equation:
Ns A s
‡ and A‡ are the theoretical site density (10 × 1018 sites m−2 )
log K ‡ = log K + log N
‡ A‡ , where N
and surface area (10 m2 g−1 ) suggested by Sverjensky.69
From Guillaumont et al.21 for I = 0 M.
Calculated in this work using a single-site DLM and referenced to the 1.0 M standard state; I = 0.01
M NaCl.

simulation (i.e., only Pu4+ was allowed), Pu sorption is over-predicted (Fig. 7.4). When both the free
Pu4+ cation and the first Pu(IV) hydrolysis product, PuOH3+ , are allowed, Pu sorption is under4+
predicted, suggesting that Pu(IV) hydrolysis is more thermodynamically favored than a −
−FeOHPu
4+
surface complex with a log K value equal to that for −
−FeOHTh . This is not surprising when

considering the large difference in Pu(IV) and Th(IV) hydrolysis formation constants (Tables 7.1,
7.4).
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7.4

Discussion

7.4.1

Comparison with Previous Studies

7.4.1.1

Np(V) Surface Complexation

Kohler et al. investigated Np(V) sorption onto hematite over a wide range of ionic strengths, pH,
Np(V) concentrations, and CO2 partial pressures.132 Similar to our data, the Np(V) sorption edge
was observed at pH ∼ 7. Using the triple layer model (TLM),137 which allows differentiation between inner- and outer-sphere surface species, Kohler et al.132 suggested that the inner-sphere surface
complex, −
−FeONpO2 , was dominant below pH 8 in the presence or absence of atmospheric CO2 .
Additionally, at higher Np(V) sorption densities, they noted that a second inner-sphere surface com+
plex, −
−FeOHNpO2 , was needed to accurately model their sorption data. The necessary inclusion

of a second surface species only at higher loadings suggests Np(V) association with a second, less
favorable, binding site. Similar to this finding, the best-fit SCM determined here suggested a speciation change at elevated temperatures. Because the acid/base properties of hematite are temperature
dependent, it is not clear if the speciation change calculated with our SCM is simply the result of
charge compensation within the double layer, or if another phenomenon is responsible. However,
we cannot exclude the possibility that Np(V) could favor alternative binding sites at elevated temperatures, although, this would presumably also result in increased Np(V) sorption with increasing
temperature, which was not observed (Fig. 7.1).
Wang et al.138 also used the DLM to describe Np(V) sorption onto ferrihydrite from sorption
data previously published by Girvin et al.139 . Although the Wang et al.138 model with ferrihydrite
is not directly comparable to our model with hematite, we note that a similar surface complex,
139
−
data. Additionally, even though the original ferrihy−FeONpO2 , best described the Girvin et al.

drite study was conducted at I = 0.1 M NaNO3 ,139 the log K calculated by Wang et al.138 (−2.72) is
in good agreement with our value at 25  (Table 7.3). Wang et al.138 also modeled Np(V) sorption
onto hematite, using data previously published by Nakayama and Sakamoto.140 The modeling results
from Wang et al. suggested that two surface complexes best described the Nakayama and Sakamoto
+
–
data, −
−FeOHNpO2 and (−
−FeO)2 NpO2 . Attempts to fit our Np(V) sorption data using these two

surface complexes gave poorer fits (i.e., larger WSOS/DF values) compared with our chosen SCM
(Table 7.3) or no convergence of the optimization procedure (depending on temperature). However,
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a greater ratio of [Np(V)]tot /[−
−FeOH]tot in the Nakayama and Sakamoto study (0.35) compared to
our study (0.0002) may have contributed to the different modeling results.
Our surface complexation modeling results are in fairly good agreement with the model
proposed by Kohler et al.132 and the ferrihydrite model proposed by Wang et al.138 However, these
models, including our own, suggest that Np(V) forms a monodentate complex with the hematite
surface. This is contradictory to the results from several spectroscopic studies. For example, Arai
et al. investigated the interaction between Np(V) and hematite using extended X-ray absorption
fine structure (EXAFS) spectroscopy and suggested that both outer-sphere and bidentate innersphere surface complexes are present in the sorption samples at pH ∼7 to 9.56 Using attenuated
total reflectance fourier-transform infrared spectroscopy (ATR FTIR), Müller et al. suggested that
Np(V) forms bidentate complexes on the surfaces of TiO2 , SiO2 , and ZnO based on the large observed
shift (∼ 30 cm−1 ) in the antisymmetric vibrational mode of the neptunyl ion.141 From ATR FTIR
and EXAFS studies, Gückel et al. also suggested the presence of bidenate inner-sphere complexes on
the surface of gibbsite (Al(OH)3 ).142 The reason for the discrepancy between our modeling results
and these spectroscopic studies is unclear. However, in each of the spectroscopic studies, higher pH,
higher Np(V) surface loadings, and generally higher ionic strengths were used compared with this
study.

7.4.1.2

Th(IV) Surface Complexation

Cromières et al. used the DLM to describe Th(IV) sorption onto hematite colloids over the pH range
4+
2 to 10.143 Their results suggested that several surface complexes, which included −
−FeOHTh ,
+
–
−
−FeOTh(OH)2 , −
−FeOTh(OH)4 , were needed to model the sorption data over the full pH range.

However, −FeOHTh4+ was the most important species at pH values similar to those studied here.
4+
Their calculated log K value for −
−FeOHTh (18.7), is in good agreement with our log K value

(19.03). Using the TLM, Murphy et al. also suggested that Th(IV) sorption onto hematite was best
4+ 144
described using the inner-sphere surface complex, −
However, Rojo et al. suggested
−FeOHTh .

that Th(IV) sorption onto ferrihydrite and magnetite (Fe3 O4 ) could be described equally well using
either a bidentate surface complex, (−FeO)2 Th2+ , or a monodentate hydrolyzed surface species,
FeOThOH2+ .90 Jakobsson modeled Th(IV) sorption onto TiO2 over a wide range of Th(IV) concentrations using several different EDL models.145 Although monodentate Th(IV) surface complexes
described most of the lower concentration data adequately, Jakobsson suggested that the proton
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stoichiometry associated with Th(IV) sorption onto TiO2 was sensitive to the surface site density.
For example, when higher site densities were specified in FITEQL, a surface reaction with zero net
proton release gave the best fit to the data.145 As the site density was decreased (equivalent to
increasing Th(IV) surface loading), surface reactions with an increasing number of released protons
were predicted. This finding is somewhat reverse to that of Kohler et al., where fewer protons were
released at higher Np(V) sorption densities.132 However, it is clear from both of these studies that
the sorbate concentration may significantly affect the reaction stoichiometry predicted with SCMs.
In contrast to our modeling results, EXAFS studies of Th(IV) sorption onto SiO2 ,146 magnetite,147 and ferrihydrite,147 indicate that Th(IV) may form bidentate inner-sphere complexes on
these surfaces. Similar to the case for Np(V), there are significant discrepancies between the Th(IV)
surface complexes indicated by SCMs and spectroscopic studies, making it difficult to determine if
the Th(IV) (or Np(V)) surface complexes we propose here are representative of the surface coordination.

7.4.2

Plutonium Sorption onto Hematite

Although it is not clear if sorption equilibrium was achieved in the Pu(IV) experiment, we were able
to accurately fit the second sampling event sorption edge data at 25  using a combination of three
hydrolyzed Pu(IV) surface complexes (Sec. 7.3.2.2). A similar approach was taken by Sanchez et
al., who demonstrated increasingly better fits to their sorption data as hydrolyzed Pu(IV) surface
complexes were incrementally added to the SCM.34 Recently, Herr148 re-modeled the Pu(IV) sorption
data from Sanchez et al., and suggested that the data was best described with the surface complexes
2+
148
−
agree well
−FeOPuOH and −
−FeOPu(OH)3 . Not surprisingly, the results presented by Herr

with the expected aqueous Pu(IV) speciation over the studied pH range (Table 7.4).
As shown in Sec. 7.3.2.1, when Pu(IV) was reacted with hematite over the pH range ∼
1.5 to 5.5, some oxidation occurred. We proposed that these oxidation state changes were the
cause of the significant data scatter and shallow sorption edges observed for Pu sorption at each
temperature. However, similar behavior has not been observed when Pu(IV) was reacted with
goethite34 or hematite.52 As mentioned previously, this Pu oxidation appears to be the result of the
thermodynamic favorability of Pu(V) in the aqueous phase. In many cases, researchers have added
Pu(IV) to water free of complexing agents and found that the aqueous phase is dominated by Pu(V)
at equilibrium.149,150 Thus, in these studies, the longer equilibration periods used relative to previous
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work may allow for greater concentrations of aqueous Pu(V) to form. Previous studies examining
Pu(V) reduction to Pu(IV) on hematite and goethite found that Pu remaining in the aqueous phase
was always dominated by Pu(V). However, oxidation of Pu(IV) to Pu(V) is considered kinetically
hindered because of the necessary formation of the trans-dioxo moiety of the plutonyl structure.127
Considering that Pu(IV) sorption should be comparatively fast,34,52 it is surprising that Pu oxidation
appears to have had such a large effect on the sorption of Pu(IV). We therefore propose that the low
pH in our systems facilitates a relatively weak Pu-surface interaction allowing for greater mobility
of the Pu(IV) ion on the surface, and thus greater potential for re-oxidation to and subsequent
desorption of Pu(V). Therefore, this observation of Pu(IV) oxidation to Pu(V) may be due to the
additional time allowed for the equilibration of our samples. To support this, the fraction Pu sorbed
in samples at the lowest pH values generally decreased between the first and the second sampling
events (Fig. 7.4). Therefore, Pu may have sorbed to the hematite surface initially as Pu(IV), but then
desorbed after ∼ 1.5 weeks as Pu(V). Clearly, this behavior warrants further research. However,
such an investigation is currently outside the scope of this work.

7.4.2.1

Using Th(IV) to Describe Pu(IV) Sorption onto Hematite

Because Pu is extremely redox sensitive, and because of the hazards imposed by and the regulatory
limits of working with Pu, it is very appealing to use stable oxidation state analogs to study plutonium chemistry. However, comparisons between analog sorption behavior and Pu sorption behavior
are few. Banik et al. observed relatively little difference between Pu(IV) and Th(IV) uptake on
kaolinite in relation to the percent sorption of each actinide.151 However, the Pu(IV) concentration
in their experiment was 104 times greater than the Th(IV) concentration, suggesting that the Th(IV)
behavior actually is not comparable with the Pu(IV). Similarly, we observed poor agreement with
the Pu sorption predicted when a Th(IV) SCM was employed. These results are not surprising, considering that several researchers have already suggested that Th(IV) is not an adequate analog for
Pu(IV)152,153 due to the larger ionic radius of Th(IV) compared with Pu(IV) (1.048 vs. 0.962 Å),154
which makes Th(IV) significantly “softer” than Pu(IV).

7.4.3

Thermodynamic Interpretation

As mentioned previously, our primary objective in this paper is to relate the thermodynamics of
Np(V), Th(IV), and Pu(IV) sorption onto hematite with sorption mechanisms and changes in ac99

tinide hydration. We have previously demonstrated a correlation between the enthalpy and entropy
of Eu(III)102 and U(VI) sorption onto hematite and the extent of Eu(III) or U(VI) dehydration upon
sorption. We would like to do the same here. However, the spectroscopic data for adsorbed Np(V)
and Th(IV) are not consistent with our SCMs or the SCMs developed from other similar batch
sorption experiments. These inconsistencies may be due to differences in experimental conditions
between studies. For example, we previously noted that nearly all Np(V) spectroscopic studies were
performed at ionic strengths greater than the ionic strength used for our experiments. Lützenkirchen
suggested that high ionic strengths may effectively shield highly charged surface species, perhaps
leading to greater surface stability or different sorption mechanisms.155 Therefore, we will use a
different approach toward understanding the thermodynamics and mechanisms of Np(V), Th(IV),
and Pu(IV) sorption onto hematite.
If we consider that the formation of inner-sphere surface complexes will perturb the hydration sphere of the actinide in question, we can perhaps infer some binding mechanisms from the
calculated thermodynamic parameters listed in Table 7.5. Because actinide dehydration is both an
entropically favorable and endothermic reaction, we would expect inner-sphere surface complexation to result in positive entropy and enthalpy changes, as we previously observed for Eu(III)102 and
U(VI). Only considering the 25  surface complexation reaction for Np(V) sorption onto hematite,
we in fact calculate a negative entropy change (Table 7.5). Combined with the apparent sorption enthalpy of ∼ 0 kJ mol−1 , the thermodynamics suggest that there may be a greater contribution from
outer-sphere Np(V) surface species than inner-sphere Np(V) surface species in our batch sorption
experiments. This is despite our ability to model the Np(V) sorption data with the DLM, which assumes all surface species are inner-sphere complexes, and despite the spectroscopic literature which
indicate mostly inner-sphere Np(V) surface complexation (albeit under very different experimental
conditions). Furthermore, the presence of a significant contribution of outer-sphere species may also
explain the significant amount of scatter observed in the Np(V) sorption data (Fig. 7.1). For Th(IV)
sorption onto hematite, the story is similar, however, the rather large entropy value (Table 7.5)
suggests that some Th(IV) dehydration occurs upon sorption. However, because the calculation
of sorption entropies are quite dependent on the SCM employed,102 and because the hydration entropies of the different actinides vary significantly, one cannot assume from the entropy value that
only inner-sphere complexation occurs for Th(IV). If only inner-sphere complexation were present,
a larger positive enthalpy should also be determined. Therefore, we propose that Th(IV) sorption
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Table 7.5: Calculated thermodynamic parameters for Np(V), Th(IV), and Pu(IV) sorption onto
hematite.a
∆r Gi b

∆ r Hi

∆r Si c

(kJ mol−1 )

(kJ mol−1 )

(J mol−1 K−1 )

i

reaction

9

KSC1
+
−−
*
−FeOH + NpO+
−
−−
−FeONpO2 + H
2 )

16.8

≈0

–56.4

KSC3
4+
4+
−
−
*
)
−
−−
−FeOHTh
−FeOH + Th −

–108

≈0

364

KSC5
4+
−
−FeOH + Pu + 2 H2 O

–28.2

—

—

–9.2

—

—

9.1

—

—

11

17

2+
+
−
−
*
)
−
−−
−FeOHPu(OH)2 + 2 H

18

KSC6
4+
−
−FeOH + Pu + 3 H2 O
+
+
−
−
*
)
−
−−
−FeOHPu(OH)3 + 3 H

19

KSC7
4+
−
−FeOH + Pu + 4 H2 O
0
+
−
−
*
)
−
−−
−FeOHPu(OH)4 + 4 H

a
b
c



All values are for 25
and I = 0.01 M NaCl.
Calculated from: ∆r Gi = −RT · ln K, where T is 298.15 K.
Calculated from: ∆r Gi = ∆r Hi − T ∆r Si , where T is 298.15 K.

onto hematite should also be described with a combination of outer-sphere and inner-sphere surface complexes. Considering the strong sorption of Th(IV) at low pH values where there is a large
net positive surface charge, formation of outer sphere surface complexes is a reasonable conceptual
model.
Because we could not develop SCMs for Pu(IV) sorption onto hematite at all temperatures,
we were unable to extrapolate any thermodynamic parameters using the van’t Hoff analysis. However, plots of Kd values as a function of inverse temperature (see Fig. D.3) indicate that sorption
increased with increasing temperature (i.e., the reaction is endothermic), as previously indicated
based on Fig. D.2 which illustrates Pu(IV) sorption as a function of “pH – 1/2pKw .” These findings
suggest that Pu(IV) sorption onto hematite occurs predominantly via an inner-sphere mechanism,
although outer-sphere complexation cannot be excluded. The observed differences between Th(IV)
and Pu(IV) data are likely due to the stronger affinity of Pu(IV) for both hydrolysis and sorption to
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metal oxide minerals. Thus the stonger interactions are likely a greater indication of the formation
of inner-sphere surface complexes.

7.5

Conclusions

Additional research is clearly needed to understand Np(V), Th(IV), and Pu(IV) sorption onto
hematite over a wider range of experimental conditions, particularly with respect to surface speciation at both low and high actinide concentrations. However, under the conditions studied, the
data and analyses given above support the following conclusions:
1. Np(V) and Th(IV) sorption onto hematite are temperature independent;
2. Np(V) and Th(IV) sorption onto hematite may occur via both outer- and inner-sphere complexation mechanisms, with outer-sphere complex formation dominating Np(V) sorption;
3. assuming sorption equilibrium was achieved, Pu sorption onto hematite increases with increasing temperature, indicating the formation of inner-sphere surface complexes;
4. Pu(IV) sorption onto hematite cannot be predicted using Th(IV) sorption data.
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Chapter 8

Conclusions
To better understand and to possibly predict actinide transport in the environment, it is first necessary to understand actinide chemistry over a wide range of environmentally relevant conditions.
Although a significant amount of research has been devoted to understanding actinide sorption
reactions onto a variety of pure minerals, soils, and sediments, very little research has been devoted to investigating the effect of temperature – a constantly fluctuating variable in environmental
systems, and a very important variable when assessing the future performance of geologic nuclear
waste repositories – on these reactions. Additionally, few studies which quantify important thermodynamic parameters, such as enthalpy and entropy, for actinide sorption reactions are available in
the literature, despite the possibility for gaining mechanistic insight from these parameters. Therefore, the goal of this research was to develop of a better understanding of the thermodynamics and
mechanisms of actinide sorption reactions. Using multiple-temperature batch sorption experiments,
surface complexation modeling, and, in some cases, isothermal titration calorimetry, the effect of
temperature on Eu(III) (a trivalent actinide analog), Th(IV), Np(V), U(VI), and Pu(IV) sorption
onto hematite was studied, and the enthalpies and entropies for each sorption reaction were defined.
Overall, this research has demonstrated the following:
 Eu(III) sorption onto hematite is endothermic and entropically favorable. A large sorption

enthalpy (∆r H = +131 kJ mol−1 ) and entropy (∆r S ' 439J K−1 mol−1 ), calculated using
both a van’t Hoff analysis and calorimetry, and EXAFS data which demonstrate a decrease
in the Eu−O coordination number upon sorption onto hematite, suggest that Eu(III) sorption
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is an inner-sphere reaction driven by the displacement of H2 O molecules from it’s primary
hydration sphere.
 U(VI) sorption onto hematite is also endothermic and entropically favorable. However, smaller

reaction enthalpies (∆r H = +35 − +102 kJ mol−1 ) and entropies (∆r S <∼ 370 J K−1 mol−1 ),
and EXAFS data from the literature suggest that the U(VI) sorption reaction is weaker and
proceeds with less U(VI) dehydration compared with the Eu(III) sorption reaction. Additionally, discrepancies between ∆r H values calculated via the van’t Hoff analysis and calorimetry
indicate that additional research is needed to understand U(VI) sorption mechanisms across a
wider range of concentrations.
 The sorption of Np(V) and Th(IV) onto hematite is not temperature dependent (i.e., ∆r H ' 0

kJ mol−1 ), suggesting that a combination of inner- and outer-sphere surface complexes may
be responsible for sorption of these actinides. However, the possibility of outer-sphere surface
complexes is generally in disagreement with EXAFS literature which suggest the predominance
of inner-sphere surface complexes, albeit under significantly difference experimental conditions.
 Pu(IV) sorption onto hematite appears to increase with increasing temperature, but due to

Pu oxidation state changes under the acidic conditions of the experiments performed in this
research, it is not clear if sorption equilibrium was achieved. However, surface complexation
modeling suggests (assuming sorption equilibrium) that hydrolyzed Pu(IV) surface species,
not surprisingly, play a dominant role in surface complexation.
Although the results presented here provide valuable insight into the mechanisms driving
actinide sorption reactions, the experimental conditions employed here were limited, and therefore
it is difficult to comment on whether these results can be related to actinide sorption reactions in
the presence of other minerals, soils, or sediments. Future research efforts should focus on examining the influence of temperature on actinide sorption reactions for a wider range of experimental
conditions, including ionic strength, solid phase type and concentration, and actinide concentration.
Significant discrepancies were identified when comparing Np(V) and Th(IV) surface complexation
modeling results with spectroscopic data available in the literature. Therefore, effort should be
particularly focused on better understanding the role actinide concentration has on actinide surface
speciation. Additionally, as similar thermodynamic data become available in the literature, it will
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be interesting and useful to investigate possible correlations between measured sorption enthalpies
and the hydration enthalpies of actinides (or other cationic metals).
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Appendix A

Supplementary Data for Chapter Four

Derivation of Eq. 4.1:
Let the protonation of the hematite surface be defined with the reactions,

≡ FeOH + H+ *
) ≡ FeOH+
2

(A.1)

≡ FeO− + H+ *
) ≡ FeOH

(A.2)

each with an equilibrium constant given by log K+ and − log K− . The enthalpy of reactions A.1
and A.2 can be related to temperature with the equations,
∆H
ln 10 · RT
∆H
− log K− = −
ln 10 · RT
log K+ = −

(A.3)
(A.4)

The summation of reactions A.1 and A.2 give,

≡ FeO− + 2H+ *
) ≡ FeOH+
2

(A.5)

where the equilibrium constant is given by log K+ − log K− . If the enthalpies of reactions A.1 and
A.2 are equivalent, then the following equation is valid:
∆H
ln 10 · RT

(A.6)

log K+ − log K−
∆H
=−
2
ln 10 · RT

(A.7)

log K+ − log K− = −2

which can also be written as,

then it follows that,
pzc = −

∆H
ln 10 · RT
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(A.8)

Figure A.1: Mass titration of α−Fe2 O3 suspensions in 0.01 M NaCl.

Figure A.2: HRTEM images of Eu-hematite sample showing the presence of Eu2 O3 nanoprecipitates. This was the only observation of precipitates present in our EXAFS samples.
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Figure A.3: Selected-area electron diffraction pattern with indices of the same Eu-hematite sample
as in Fig. A.2 showing the lattice spacing for α−Fe2 O3 and Eu2 O3 .

Figure A.4: van’t Hoff plot using log K3 values for the surface species (≡ FeO)2 Eu+ . The solid line
is the linear fit with an adjusted R2 equal to 0.989, and the dashed lines are the 95% confidence
intervals.
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Appendix B

Supplementary Data for Chapter Five
Perform separate calorimetric titrations
to measure reaction heat and dilution heat.

Integrate the peaks in both the reaction and dilution
thermograms to quantify the reaction heat, Q, and
dilution heat, Qdil. , for each titrant injection.

Subtract Qdil. from Q for each titrant
injection to give the net measured heat, Qnet .

Calculate the measured cumulative heat, QT,meas. ,
after each titrant injection as the sum of Qnet and
the Qnet from all preceding titrant injections.

Model the chemical speciation during the titration
using a previously defined surface complexation model
and FITEQL or other equilibrium modeling software.

Fit QT,meas. as a function of the moles (∆ni ) of each product
formed or consumed using the equation below, allowing
optimization of unknown ∆r Hi values during the fit.
QT,calc. =

j
X

∆ni · ∆r Hi

i=1

Figure B.1: Block diagram illustrating the steps needed to calculate sorption enthalpies from ITC
data.
.
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Figure B.2: Cumulative enthalpy plot for the hematite acid titrations. Titration parameters:
[α−Fe2 O3 ] = 7.77 g L−1 (c – e) or 7.91 g L−1 (a – b), I = 0.01 M NaCl, T = 25 , titrant
= 0.01 M HCl, injection volume = 9.98 µL. Open symbols are the measured cumulative heat for
each titration a – e, and the solid line is the calculated heat for each titration (adjusted R2 values
are given in Table B.1).

Figure B.3: Cumulative enthalpy plot for the hematite base titrations. Titration parameters:
[α−Fe2 O3 ] = 7.91 g L−1 , I = 0.01 M NaCl, T = 25 , titrant = 0.01 M HCl, injection volume = 9.98 µL. Open symbols are the measured cumulative heat for each titration a – d, and the
solid line is the calculated heat for each titration (adjusted R2 values are given in Table B.1).
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Table B.1: Measured pH values and calculated enthalpy values from each acid or base titration, and
the adjusted R2 for each fit.
∆r H3 (kJ mol−1 )

∆r H2 (kJ mol−1 )

value

1σ

value

1σ

adj. R2

initial pH

final pH

acid a

38.7

1.6

-4.8

0.4

0.990

6.81

2.75

acid b
acid c

41.8
42.8

1.6
1.5

-0.9
-1.0

0.4
0.4

0.980
0.982

6.81
6.58

2.78
2.84

acid d

22.7

1.6

-2.2

0.4

0.963

6.43

2.84

acid e

52.9

1.0

-0.5

0.3

0.994

6.33

2.75

base a

28.5

1.7

16.2

5.4

0.991

6.81

10.68

base b

39.7

1.1

1.1

3.4

0.992

6.81

10.95

base c

42.8

1.1

7.0

3.6

0.989

6.64

10.72

base d

37.4

1.2

12.7

3.9

0.992

6.64

10.96

average

38.6

8.7

3.1

7.2

Figure B.4: Cumulative enthalpy plot as a function of (≡ FeO)2 Eu+ formation. Titration parameters:
[Eu(III)]0 = 1.56 × 10−4 M, [α−Fe2 O3 ] = 6.71 g L−1 , I = 0.01 M NaCl, T = 25 , titrant = 0.01 M
NaOH, injection volume = 4.97 µL. Open symbols are the measured cumulative heat for each
titration 1 – 4, and solid lines are the corresponding calculated cumulative heat for each titration
(adjusted R2 values are given in Table B.2).
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Table B.2: Measured pH values and calculated enthalpy values from each Eu(III) base titration, and
the adjusted R2 for each fit.
∆r H4 (kJ mol−1 )
value

1σ

adjusted R2

initial pH

final pH

1
2

104.76
119.29

2.72
3

0.997
0.996

3.14
3.14

7.19
7.34

3

164.5

5.6

0.985

3.11

9.36

4

122.71

4.01

0.994

2.96

8.91

average

127.81

2

3.09 ± 0.09

8.2 ± 1.1

Figure B.5: Two titration thermograms for Eu(III) sorption onto hematite at pH ∼ 6. Titration
parameters: [Eu(III)]0 = 0 M, [α−Fe2 O3 ] = 7.77 g L−1 , I = 0.01 M NaCl, T = 25 , titrant
= 0.1 mM EuCl3 in 0.01 M NaCl at pH ∼ 6, injection volume = 9.98 µL. The Gaussian peak
fitting tool in Origin was used to extrapolate the heat associated with only the endothermic peaks
shown for titration I. We assumed the endothermic heat was representative of Eu(III) sorption or
de-protonation of the hematite surface. This heat data was fit as shown in Fig. B.6
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Figure B.6: Cumulative enthalpy plot as a function of (≡ FeO)2 Eu+ formation for a Eu(III) titration
at pH ∼ 6. The heat data was fit in the same manner as the Eu(III) base titrations, except only
considering the reactions on the hematite surface (i.e., OH– formation was excluded). Titration
parameters: [Eu(III)]0 = 0 M, [α−Fe2 O3 ] = 7.77 g L−1 , I = 0.01 M NaCl, T = 25 , titrant
= 0.1 mM EuCl3 in 0.01 M NaCl at pH ∼ 6, injection volume = 9.98 µL. Open symbols are the
cumulative heat extrapolated from endothermic peaks in titration I in Fig. B.5; and the solid line is
the calculated cumulative heat (adjusted R2 = 0.975); the calculated ∆r H4 = 127.5 ± 1.5 kJ mol−1 .
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Supplementary Data for Chapter Six

Figure C.1: U(VI) sorption onto hematite as a function of pH – 1/2pKw and temperature for total
U(VI) concentrations (2.16 ± 0.06) ×10−8 M (A) and (4.35 ± 0.06) ×10−8 M (B). The sorption edge
shift to lower pH indicates that U(VI) sorption increases as temperature increases.
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Table C.1: Reactions considered during development of the surface complexation model describing
U(VI) sorption onto hematite.

A

reactions
2+ −
+
*
2−
)−
− (−
−FeOH + UO2 −
−FeOH)2 UO2 + 2 H

B

2+ −
+
*
2−
)−
− (−
−FeOH + UO2 −
−FeO)2 UO2 + 2 H
2+ −
2+
−
*
2−
−
− (−
−FeOH + UO2 )
−FeOH)2 UO2

C

2+ −
+
*
2−
)−
− (−FeO)2 UO2 + 2 H
−FeOH + UO2 −
2+
−−
*
2 −FeOH + UO2+
−
− (−
−FeOH)2 UO2
2 )
2+
–
+
−−
*
2−
−
− (FeO)2 UO2 OH + 3 H
−FeOH + UO2 + H2 O )

D

2+ −
+
*
2−
)−
− (−
−FeOH + UO2 −
−FeO)2 UO2 + 2 H
2+
−−
*
2 −FeOH + UO2+
−
− (−
−FeOH)2 UO2
2 )
–
+
2+
−
*
2−
)
−
− (−
−FeO)2 UO2 OH + 3 H
−FeOH + UO2 + H2 O −
2–
+
2+
−
*
2 −FeOH + UO2 + 2 H2 O −
)
−
− (−FeO)2 UO2 (OH)2 + 4 H

E

+
2+ −
*
2−
)−
− (−
−FeO)2 UO2 + 2 H
−FeOH + UO2 −
2+
2+ −
*
2−
)−
− (−
−FeOH)2 UO2
−FeOH + UO2 −
2–
+
2+
−
*
2−
)
−
− (−
−FeO)2 UO2 (OH)2 + 4 H
−FeOH + UO2 + 2 H2 O −

F

2+
2+ −
−
*
2−
−
− (−
−FeOH)2 UO2
−FeOH + UO2 )

G

2+
2+ −
*
2−
)−
− (−
−FeOH)2 UO2
−FeOH + UO2 −
–
+
−−
*
2 −FeOH + UO2+
−
− (−
−FeO)2 UO2 OH + 3 H
2 + H2 O )

H

+
2+ −
*
2−
)−
− (−
−FeO)2 UO2 + 2 H
−FeOH + UO2 −
+
+
−−
*
−FeOH + UO2+
−
−−
−FeOUO2 + H
2 )
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Figure C.2: van’t Hoff plot using log K values for the surface species (≡ FeOH)2 UO2+
2 . The red
line is the linear fit with an adjusted R2 equal to 0.967, and the green lines are the 95% confidence
intervals.

117

Appendix D

Supplementary Data for Chapter Seven

Figure D.1: Th(IV) sorption onto hematite as a function of pH – 1/2pKw and temperature for total
Th(IV) concentrations of (2.11 ± 0.02) × 10−8 M (A) and (4.23 ± 0.05) × 10−8 M (B).
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Figure D.2: Pu(IV) sorption onto hematite as a function of pH – 1/2pKw and temperature for batch
systems with total Pu(IV) concentrations of (3.88±0.01)×10−10 M (A) and (2.00±0.01)×10−9 M (B).
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Figure D.3: log Kd as a function of inverse temperature for Pu(IV) batch systems at three pH values.

120

Figure D.4: Pu oxidation state distribution in the aqueous phase as a function of pH and temperature
for the batch systems with initial Pu(IV)tot concentrations of (2.00 ± 0.01) × 10−9 M Pu(IV). Errors,
calculated from counting statistics, are ±1σ. Pu(III,IV) concentrations are from solvent extraction
with PMBP in cyclohexane, and agree well with results from LaF3 coprecipitation. Pu(V/VI)
concentrations are from coprecipitation with LaF3 .
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